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ABSTRACT 

The growing technological application of metallic lithium has produced 

a greater need to understand its fundamental surface chemical properties. The 

use of lithium as an anode in high-energy density battery systems represents 

one application where this knowledge is required to optimize system perfor

mance. The surface chemistry of lithium will be discussed in terms of oxidants 

which represent the reductive half-cell components of these batteries, contami

nants present during cell fabrication, and solvents used as the electrolytic 

medium. These systems have been studied in the low pressure limit « 1 

millitorr) at atomically clean lithium surfaces using X-ray Photoelectron 

Spectroscopy (XPS). The lithium/sulfur dioxide system has been singled out 

for detailed study in order to explore the relationship between gas-phase and 

solution-phase processes. Electrochemical characterization of the lithium anode 

has been conducted as a function of controlled surface composition within this 

system. The ability of lithium to induce corrosion at structural components of 

these batteries (Le., glass insulators) has also been investigated. A description 

of the chemical activity of lithium and its consequence has been developed 

from these results. 
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CHAPTER 1 

HIGH ENERGY DENSITY BATTERIES 

A battery is essentially a repository of electrical energy in the form of 

chemical energy. This defines the role of a battery as one of energy storage 

and transformation. The primary design concern is optimizing the efficiency for 

energy conversion over a designated system lifetime. This optimization process 

involves consideration of the mechanism by which transformation takes place 

and the intrinsic limitations to efficiency in this process. Further consideration 

may be required for specific applications involving high energy release rates, 

safety concerns, or desirable end-of-life properties. In addition, a battery will 

be characterized by a storage lifetime (or shelf-life). Any process which 

degrades battery performance with time or shortens its shelf-life needs to be 

considered in designing an optimum system. By identifying the chemical 

processes taking place and understanding their interplay, an electrochemical 

system as an efficient chemical energy converter may be realized. 

Research efforts in the last 1 0 to 15 years have focused on the 

development of high energy density battery systems. These batteries contain 

an alkali metal (Le., lithium) as the anode. The goal is the implementation of 

a strong, low formula weight reductant to yield a high theoretical output energy 

per unit mass. To achieve this, low formula weight oxidants along with 

lightweight construction materials are used. Low mass often translates to small 
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volume, so this high energy density may also be thought of as a high 

theoretical energy output per unit volume. By maximizing the efficiency of the 

reduction/oxidation process, high theoretical power densities (energy per unit 

time per unit mass or volume) may also be obtained. The desire to pack a 

large amount of accessible energy into a small mass or volume has applica

tions in electronic device miniaturization, mobile and flight system electronics, 

electric powered vehicles, and human biomedical implant devices. 

The broad focus of this study has been to achieve a better under

standing of the electrochemical process and the materials problems associated 

with the use of lithium. There are a wide variety of batteries containing lithium 

based on a number of specific applications [1]. Two themes are recurrent in 

these systems: metallic lithium (alone or as a binary alloy) is in constant contact 

with an electrochemical environment and metallic lithium must be contained by 

a set of construction materials from which the battery is made. The first 

condition allows for the possibility of thermodynamically favorable 

reduction/oxidation chemistry to take place at the anode-electrolyte interface 

prior to battery discharge. This represents potential corrosion of the anode. 

The second condition stimulates questions concerning the possibility of lithium 

attack of cell components. The specific focus of this dissertation is to 

summarize investigations of some of these secondary chemical (corrosion) 

processes in a select number of battery systems. The systems of most interest 

are those that have displayed problems associated with these secondary 

processes. As will be reviewed shortly, overall cell performance is a function 

of processes at both electrode interfaces and within the electrolytic medium. 
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In this study, attention is devoted to the anode and the effect the anode has 

on its surroundings. Despite the fact that these problems are specific to the 

systems studied, they directly relate back to questions concerning the 

fundamental electrochemistry of an active metal. 

1.1 Electrochemical Principles 

The requirements of a high energy density battery may be summarized 

as follows: 

1. Maximum thermodynamic driving force coupled with minimum 

formula weight for reactants and minimum mass of construction materials 

2. Maximum degree of chemical separation of reactants 

3. Maximum rate of electron transfer at electrode interfaces 

4. Optimum electrode geometries and interelectrode spacing 

5. Maximum electrolyte conductivity 

These requirements are identical for those of any battery with a few additional 

considerations. The first of these requirements is a restatement of the definition 

of a high energy density system. The theoretical open circuit cell voltage 

(equilibrium) will be the difference between the cathodic and anodic half-cell 

reaction standard reduction potentials for a specific temperature within a given 

solvent system. The theoretical specific energy available is proportional to this 

cell voltage according to: 

~G = -nFE 
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The theoretical specific energy density is given by: 

specific energy density (mass) = -~G/mt 

specific energy density (volume) = -~GNt 

where mt and Vt correspond to the total mass and volume of reactants. 

respectively. There is a large difference between theoretical and practical 

energy densities. Practical values take into account the mass and volume of 

all components necessary to make the cell. To optimize these theoretical 

values a low formula weight cathodic reactant should be chosen which 

represents a strong oxidant. The selection of this oxidant is where the 

variability begins in the design of lithium cells. 

Consideration of chemical separation of the reactants is the result of the 

desire for high energy density. The reactants must be isolated to prevent 

reaction at open circuit resulting in the self-discharge of the cell. This problem 

is eliminated if the reactants are confined to solid electrodes. In the event of 

a solvated or liquid cathode (which uses sites on an inert electrode such as 

carbon black for electron transfer into solution). limited corrosion of the anode 

occurs. Significant self-discharge is not observed in these cells because this 

corrosion generates a passive" layer on the anode surface. This passive layer 

regulates further reaction between the anode and its environment resulting in 

a form of separation. The relative stability of this barrier to further reaction will 

be discussed in Section 1.3.1. Consideration must also be given to the 
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chemical stability of solvents (relative to lithium) used in the electrolytic media. 

This becomes a greater consideration in designing secondary or rechargeable 

cells [2]. Commonly used polar aprotic solvents are given by Venkatasetty [3]. 

Some of these solvents are known to react with lithium in much the same way 

as described above eventually generating a passive layer. In either case, 

chemical separation must be obtained in order to ensure against self-discharge 

of the cell. 

The rate of electron transfer is the second half of the performance 

question, combined with thermodynamic concerns. The rate of energy release 

(power) for a battery is a functior:l of the kinetics of the anodic and cathodic 

processes. At either electrode the reaction rate, as measured by current, is 

related to the activation free energy of the process, as measured by 

overpotential (n), according to the Butler-Volmer equation [4]: 

where n corresponds to the number of electrons involved per equivalent of 

reactant oxidized or reduced and F, R, and T are Faraday's constant, the 

universal gas constant and the absolute temperature. respectively. 1] is the 

overpotential which is the difference between the equilibrium value of the 

electrode's absolute potential and a non-equilibrium or net current producing 

potential. The two exponential terms describe an individual electrode's 

simultaneous anodic and cathodic contributions to the net reaction rate. a is 

referred to as the symmetry factor and characterizes the energetic difference 
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between current flowing in opposite directions across this interface. io is 

termed the exchange current and is the sole contribution at zero overpotential 

or equilibrium. This parameter is a function of the activation free energy at 

standard state for the interconversion of a redox couple within a specific solvent 

system (essentially the initial and final states in a thermodynamic description), 

the concentration of the couple at the interface, and system temperature. When 

normalized to electrode area, it (exchange current density) is a constant that 

is intrinsic to a specific system. It can be thought of as a measure of the 

resistance of the interface to charge transfer; the greater io' the lower this 

resistance. An expression must be written for each system with the appropriate 

constants to define a cell's performance. Once both electrode processes have 

been established on a referenced emf scale (Le., vs. the Normal Hydrogen 

Electrode), a plot of both current-voltage curves yield the current-voltage 

behavior of the cell. A load placed external to the cell represents some 

resistance in series with these interfaces. A given load will draw a current 

which establishes a net discharge rate. The cell potential adjusts itself to a 

value described by the separation (in terms of voltage) of the two curves at that 

specific current. This value is always less than the open circuit value. From 

equation 1.1, it is seen that the greater the value of io the larger a current can 

be supported with minimal increases in overpotential. This translates to larger 

cell voltage values under load conditions. The cell will be limited by the 

electrode with the smallest value of io. To maximize output power, a maximum 

value of the exchange current is required. 

--------- - - - ----------
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The configuration of the individual electrodes plays a significant role in 

cell performance. Configuration breaks down into questions concerning the 

electrode area and inter-electrode spacing. Area is of concern because the 

exchange current density places a maximum limit on the cell discharge rate in 

terms of power output. Discharge rates can be enhanced by increasing the 

electrode area without sacrificing cell voltage (see eqn 1.1). Inter-electrode 

spacing is controlled by a physical membrane or "separator" placed between 

the anode and cathode. The product of this distance and the resistivity of the 

electrolyte (solvent-supporting electrolyte salt pair) gives the internal ohmic 

voltage drop between electrode interfaces. Power dissipated internally in the 

battery is wasted. Minimizin,g this effect involves maintaining a close spacing 

and a high ionic strength in this region. An appropriate solvent (high dielectric 

strength) and salt (high solubility in this solvent) are required. The separator 

material must also have a high affinity for this electrolyte to allow for material 

transport from reservoir regions of the cell to the inter-electrode region. 

Combining these considerations with those of optimum thermodynamic and 

kinetic parameters yields a class of batteries with exceptionally high energy and 

power densities. 

1.2 High Energy Density Lithium Cells 

There are a large number of systems which comprise the class of lithium 

based high energy density battery systems [1, 5]. Figure 1.1 depicts a flow 

chart representation of their classification with examples of systems within these 

---"---" 
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Figure 1.1 Classification of high energy density batteries 
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groups. These cells can be classified by cell design based on design 

prillciples of rechargeability, operating temperature, and cell structure. A 

battery is referred to as a secondary cell if it is rechargeable and primary if it 

is not. Abraham and Brummer [2, 6] have reviewed the area of secondary 

cells. The advantage to these systems is the economic gain associated with 

multiple cycles from a single source. What makes recharging a difficult task is 

related to the fundamental difference between primary and secondary sources: 

a primary source is optimized by selecting a chemically irreversible reaction 

whereas a secondary source requires a degree of reversibility. Without this 

degree of reversibility, recharging runs the risk of cell component breakdown 

(Le., solvent reduction). In addition, metallic lithium is regenerated and must be 

deposited at the formal anode. Much attention has been focused on the 

electro-deposition of lithium in a variety of systems [7-12] to better understand 

this process. Problems exist with the growth of dendritic deposits of lithium 

within the separator which lead to internal short circuiting. Additionally, lithium 

deposits at the anode in regions often separated from one another and is not 

efficiently oxidized upon discharge. Current research involves identification of 

more suitable cathodes based on transition metal chalcogenides (Le., sulfides 

and selenides) [13-17] and solid polymer electrodes [18-20]. Both of these 

systems operate by lithium cation stabilization of a reduced complex. The 

transition metal materials represent van der Waals bonded, two dimensional 

layered structures or alternately three-dimensional tunnel framework structures 

which are electronically conductive and have high lithium cation mobilities. 

Lithium cations intercalate into this structure, possibly as a solvated ion [21], 
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without disrupting it. The polymers are high surface area (porous) membranes. 

Both of these types of cathodes are devoid of the problems of cathode 

passivation due to insoluble product build-up (as will be discussed in the 

Li/S02 system). The polymer cathodes are limited both in volumetric and 

gravimetric energy density due to low polymer densities and an unfavorably low 

stoichiometric ratio of U+ per carbon unit [22]. The economic gain associated 

with rechargeability should continue to fuel research in these areas and 

commercial development of ambient temperature secondary cells. 

A second distinct group of cells are the high temperature or thermal 

batteries [23]. Thermal batteries may be primary or secondary systems. The 

advantages to a thermal cell (operating temperatures range from 100 to > 

500°C) are the acceleration of electrode kinetics (rates are a function of 

temperature), increased mass transport (migration and diffusion processes are 

diffusion coefficient dependent which is a function of temperature [24]) and 

enhanced ionic conduction (also a function of temperature). These batteries 

are especially suited for high- discharge rate applications. Special design 

considerations are required involving the alloying of Li with a second metal to 

give it structural integrity at high temperatures. (A lithium anode melting 

corresponds to a rapidly increasing anode surface area, if still in contact with 

the anode current collector, ,and potentially unregulated cell chemistry.) Metals 

like aluminum and silicon are selected because they accept large amounts of 

lithium (40 to 50 mole %) prior to forming intermetallics compounds. As a 

result, the Li(alloy)/U+ emf values are only 100 to 300 mV positive of the U/U+ 

and these cells suffer only minor reductions in energy density. Solid cathodes 
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are also a requirement for these cells. Attempts at harvesting the tremendous 

theoretical energy density of the Li/CI2 system (2200 Wh/kg) have led to 

insurmountable corrosion problems [23]. The Na/S system uses molten sulfur 

as the cathode, but this must be confined within the cathode via conductive 

membranes to eliminate migration and self discharge at the anode. Electrolytes 

are typically LiCI/KCI or LiNO:¥'KN03 eutectic mixtures designed to melt at low 

temperatures and eliminate stable compound formation at the cathode. Solid 

state cells using solid electrolytes such as Lil doped alumina have also been 

developed. Cathodes are based on the FeS, FeS2, and V 205 systems. This 

chemistry has been reviewed by Cairns [23]. These thermal cells demonstrate 

much greater recharging capacity. They exhibit 1000-2000 extensive 

discharge/recharge cycles prior to failure (via mechanisms discussed above) 

compared to 10-200 cycles for test organic electrolyte, ambient temperature 

cells. Eventual failure occurs via the same mechanism as ambient cells. 

Thermal batteries are also not without corrosion processes involving the current 

collectors (conductive contacts to the actual anode and cathode) and both 

electrode interfaces. Despite these problems, the less negative anode emf 

values, and the less positive cathode emf values (open circuit voltage for the 

U- Si/FeS2 cell is only 2.2' V), high current densities can be supported with 

minimal polarization of the cell. 

Most lithium cells are based upon an ambient operating temperature 

design. Historically, it was desirable to seek high power densities by 

maximizing the thermodynamic parameters rather than the kinetic parameters 

of the thermal systems. These cells were structurally easier to design without 
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the worry of lithium reacting at high temperatures (i.e. corrosion, unregulated 

reactions). These ambient batteries demonstrated wide operating temperature 

ranges (-50 to 70°C for the .U/S02 cell) with minimal losses in cell capacity due 

to the use of polar aprotic solvents in the electrolyte. These batteries are 

based on either a solid cathode or soluble/liquid cathode design. A large 

number of the solid cathode cells suffer in energy density due to the less 

positive cathode reactant used [25]. This is not always the case as is 

demonstrated by the Li/carbon monofluoride cell. The cell design and 

chemistry of these solid cathode cells has been reviewed extensively [26-29]. 

The gain in these systems is physical separation between anode and cathode 

reactants and elimination of any possi~ility of these two interacting prior to 

external discharge. The organic solvent and supporting electrolyte salt must 

be chosen carefully to ensure stability toward lithium. The available organic 

solvents and electrolyte salts have been reviewed by Blomgren and 
I 

Venkatasetty [30, 31]. Many of these solvents will react with lithium to form a 

passive layer on the anode surface which inhibits further reaction but is still 

highly conductive toward lithium cations. Solvents that react extensively may 

be stabilized by adding a co-solvent or other agent which will passivate the 

anode surface. Of these solvents, propylene carbonate (C3H6CO~, acetonitrile 

(CH3CN), tetrahydrofuran (C4HaO and its analogs), and dimethoxyethane 

(C2H4(OCH3)2) represent the commercially most important solvents. Lithium 

bromide, lithium perchlorate, and lithium aluminum tetrachloride represent the 

most important salts primarily for reasons of expense. All are known to react 

with lithium within respective solvent systems to some extent. Lithium 
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hexafluorarsenate is used as a supporting electrolyte in reserve cells (those 

stored for several years prior to use) due to a more passive role toward lithium. 

These solid cathode cells represent a trade-off in decreased energy density for 

increased stability due to the reactant separation. 

Cells based on a soluble or liquid cathode design represent an attempt 

to capitalize on a maximum theoretical energy density [1. 54]. These cells 

trade-off decreased stability for this gain in energy content. They also 

represent the most interesting chemical systems for study because of the close 

association between two highly reactive phases. As in the case of the solvent 

systems mentioned previously. these systems are quasi-stable because of a 

surface passivation process resulting from limited corrosion. The u/S02 (sulfur 

dioxide). Li/SOCI2 (thionyl chloride). and Li/S02CI2 (sufuryl chloride) systems 

fall under this category. Technologically. these cells represent the more 

significant systems to study because of the superior energy content and the 

problems inherent in a potentially unstable environment. 

1.2.1 The Lithium/Sulfur Dioxide Cell 

The Li/S02 cell represents a high energy denSity. soluble cathode cell 

which demonstrates this quasi-stability. The cell design has been reviewed by 

Dey [32]. Bro [33]. and Walk [34]. The salient features are reviewed here. 

The anode consists of metallic lithium and the cathode current col/ector consists 

of carbon black in a teflon binder (5% to 20% w/w). The electrolyte consists 

of acetonitrile (at times propylene carbonate is added as a co-solvent at ca. 5% 
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v/v} at ca. 1.5 M LiBr that has been pressurized to 50-80 wt. % (3-4 atm.) of 

802' A typical electrolyte containing 72 wt. % 802 would be comprised of a 

10:3:23 volume ratio of CH3CN, C3H6C03, 802' respectively. Addition of 802 

to acetonitrile enhances the conductivity of the electrolyte and extends the 

working temperature range. Acetonitrile aids in the solvation of the electrolyte 

salt. Most commercial cells are based on a cathode limited design which 

results in the depletion of 802 prior to complete consumption of lithium. 

Propylene carbonate is added to prevent reaction between lithium and 

acetonitrile at end of the life of the battery. A separator of polypropylene, 

rayon, or a woven glass mat separates the spirally wound anode and cathode 

ribbons. This roll is placed into a vessel which is hermetically sealed. The 

vessel is then pressurized with the electrolyte. Theoretical energy densities are 

1060 Wh/kg with open circuit voltages of ca. 3.0 V. Practical values under 

discharge range from 150-280 Wh/kg at 2.7 to 2.8 V [34] depending on cell 

design with a ca. 5 year shelf life. The discrepancy between theoretical and 

practical values is due to the internal pressure and the need for acetonitrile. 

It will be shown that the sulfur oxyhalide cells eliminate these restrictions. 

The chemistry within this system is complex and not well understood. 

The overall electrochemical process is as follows: 

anode: 2 Li ... 2 Li+ + 2 e

cathode: 2 802 + 2 e- ... 82°4
2-
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This represents reduction of the sulfur center from a +4 formal oxidation state 

to a +3, The overall mechanism of S02 reduction in a variety of polar aprotic 

solvents has been studied [36-46] and is generally accepted as: 

S02 + e- -+ S02'-

2 S02'- -+ S20/-

with possible intermediate steps involving: 

S02 + S02'- -+ S20 4'

S02 + S20 4'- -+ S02S20 4 

2 S02'- -+ SO + SO~-

The exact mechanism and the role of specific intermediates depends on the 

electrolyte composition and the electrode surface used to carry out reduction, 

The reaction between lithium and acetonitrile is reported by Walk [34] as: 

2 Li + 2 CH3CN -+ (CH2CNr + Li+ + CH4 + LiCN 

CH3CN + (CH2CNr -+ (CH3CNCH2CNf 

For solution phase reactions between sodium and acetonitrile, both sodium 

cyanide and methane have been detected [47], It is this methane production 

combined with the heat of reaction and a source of oxygen that make the 

-----~------~ ~--
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Li/CH3CN reaction so explosive. Higher order alkenes such as ethylene have 

also been detected. The identity of the polymer product is unknown. The 

product depicted above implies the initiation of a linear polymer based on the 

original acetonitrile structure. Sidgwick [47] suggests a structure resulting from 

three equivalents of CH3CN of: 

which suggests the initiation of a branched polymer. Meyers and Sircar [48] 

report that alkali metal initiated polymerization of low formula weight nitriles are 

based on the following structures: 

(-C=N-) 
I x 
R 

and tend toward cyclization of the trimer. Planar structures of linked cyclic 

polymers are also possible. Results from Taylor's cell reversal studies [24] 

show evidence for products based on cyclic trim eric structures. Observations 

of the Li/CH3CN reaction under argon demonstrate that the products are 

reasonably soluble in acetonitrile and that a lithium surface does not become 

passivated toward further reaction. Sulfur dioxide will effectively passivate 

lithium toward acetonitrile and often a co-solvent such as propylene carbonate 
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is added to aid in this process [50]. The reaction of propylene carbonate and 

lithium is reported by Dey [32] as: 

It is the formation of insoluble lithium carbonate that is thought to be 

responsible for this passivation. How 502 and C3H6C03 may act in concert 

is unknown. The electrolyte salt UBr is also unstable at high pressures of S02 

leading to decomposition given by [51]: 

8 LiBr + 8 502 -+ 4 Li2503 + 4 50Br 2 

4 SOBr2 -+ 25°2 + 52Br2 + 3 Br2 

4 Li2S03 + 2 Br2 -+ 2 Li2504 + 4 LiBr + 2 502 

This decomposition reaction is not extensive. However, cells containing UAsF6 

show less impeded discharge capacities over longer storage times. This is 

thought to be the result of the more easily oxidized bromide anion relative to 

the hexafluoroarsenate anion. The above reactions represent the first level of 

chemi<?al processes within this system. Unfortunately these cells are less 

defined due to the hygroscopic nature of the solvents and salts (incorporation 

of water within the cell). the use of carbon black (incorporation of impurities) 

and teflon (fluoride has been detected at the surface of the anode), and 
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potential corrosion of cell container materials (separator, glass insulators, 

current collector leads, etc.). 

1.2.2 The Lithium/Sulfur Oxyhalide Cells 

The Li/SOCI2 and Li/S02C12 cells constitute the only currently feasible 

liquid cathode systems emphasizing the trade-off between greater energy 

density and quasi-stability. A variety of inorganic oxyhalides appear ideal for 

this liquid cathode role based on theoretical energy density values. However, 

a series of additional constraints must be met to ensure high practical energy 

densities. The cathode reactant must undergo kinetically supported complete 

reduction to ensure optimum energy transformation. It must also have a low 

enough vapor pressure along with the products generated to be effectively 

contained in a low mass, closed system. As a solvent, the cathode reactant 

must be thermally stable with a low freezing point to guarantee a wide 

operating, ambient temperature range. It must also yield a high conductivity 

electrolyte when combined with the electrolyte salt. The solvent and salt must 

be mutually stable with similar ligands to offset the facile halide exchange 

equilibria characteristic of oxyhalide systems. Finally, the cathode reactant must 

be stable toward lithium through the formation of a passive layer. Thionyl and 

sulfuryl chloride have empirically met these criteria. The choice of these liquids 

over S02 represents an attempt to minimize non-reactant mass and volume by 

selecting a low vapor pressure, jOint solvent/oxidant. 



37 

Cell design for the SOCI2 and S02CI2 systems have been described by 

Auborn et al. [52], Schlaijker [53, 54]. and Dey [32]. These cells are identical 

to the S02 system with several modifications. Corrosion is a more severe 

problem with these cells because of the reactivity of these oxidants. Limiting 

corrosion involves using nickel and aluminum current collectors for the anode 

and cathode, respectively, employing a borosilicate glass separator, and using 

a nickel-plated stainless steel vessel to contain the wound anode/separator/ 

cathode body. As with the S02 cells, these cells may be designed to be 

anode, cathode or carbon matrix limited. Uthium chloride, one of the reduction 

products of both oxidants, precipitates in the pores of the carbon black 

cathode. These cells can experience severe cathode polarization at high 

discharge rates (> 10 mA) due to blocking of cathodic electron exchange sites 

within the matrix. Lithium tetrachloroaluminate (LiAICI4) is used as the 

electrolyte salt ranging in concentration from 1 to 1.8 M. Low concentrations 

« 1 .M) are preferred to minimize anode corrosion but result in cell polarization 

due to low electrolyte conductivities. Other electrolytes have been implemented 

to alleviate this problem including halogenated lithium closoboranes (U2B1QCI1Q 

and Li2B12C112) [32, 55] and AICI3/Li20 mixtures [30]. Theoretical energy 

densities are 1470 Wh/kg and 1410 Wh/kg with open circuit voltage values of 

3.6 and 3.9 V for the SOCI2 and S02CI2 systems, respectively. Practical values 

for the SOCI2 cell range from 220 to 660 Wh/kg [28] with operating voltage 

values of 3.3 to 3.5 V. Practical values for the S02CI2 cell range from 300 to 

520 Wh/kg with operating voltage values of 3.2 to 3.6 V. 

-----------~------------~~ 
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The chemistry of the thionyl and sulfuryl chloride systems is more 

complex than the sulfur dioxide system and less well understood. The half cell 

and net reactions for the thionyl chloride system are accepted as [56]: 

anode: 4 Li -+ 4 Li+ + 4 e-

cathode: 2 80CI2 + 4 e- -+ 8 + 802 + 4 cr 

net: 4 Li + 2 80CI2 -+ 8 + 802 + 4 LiCI (ppt) 

Formal oxidation states for sulfur in 80C12• 802 and 8 are +4, +4 and 0, 

respectively. This represents the reduction of an equivalent of thionyl chloride 

to a half equivalent of elemental sulfur. The reduction mechanism is thought 

to contain a reactive intermediate to explain the cyclic voltammetric behavior of 

80CI2 reduction at various carbon electrodes [57-59]. Dey [32] has 

hypothesized the following mechanism: 

2 80CI2 + 4 e- -+ 4 cr + 280 

280 -+ 8 + 802 

with possible intermediate steps: 

280 -+ (80)2 

(80)2 + 80 -+ 820 + 802 

(820)x -+ (8mO)n + 802 
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The 80 molecule has not been observed in these experiments. Credence for 

this mechanism is given by the r,E3duction of thionyl chloride at a platinum 

electrode which gives a solid product of an overall stoichiometry of 820 [53]. 

The exact mechanism is probably dependant on the electrolyte and the cathode 

surface conditions. It is also possible, if the cell is pushed into cathodic 

passivation, that 802 might be reduced to dithionite and through dispropor

tionation form sulfite (80~-). A more complex mechanism has been proposed 

by Carter et al. [60] which allows for formation of sulfur mono- and dichloride 

(82C12, 8C12) and sulfuryl chloride. It is unclear if earlier identification of sulfur 

chloride compounds were due to the thermal decomposition of thionyl chloride 

[61]. 

Less information is available concerning the reduction mechanism of 

sulfuryl chloride. The cell reactions have been identified as [62]: 

anode: 2 U -+ 2 U+ + 2 e-

cathode: 802CI2 + 2 e- -+ 802 + 2 cr 

net: 2 U + 802CI2 -+ 802 + 2 LiCI (ppt) 

This represents a straight two electron reduction of the sulfur center in sulfuryl 

chloride (formally a +6 oxidation state) to sulfur dioxide. Twice as much 802 

is produced per equivalent of oxidant relative to thionyl chloride with no sulfur. 

Blomgren et al. [61, 63] have suggested that 802CI2 is reduced through a 

thionyl chloride intermediate. Behl [57] has observed the straight reduction to 
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S02' Sulfuryl chloride will dissociate to S02 and C12. Chlorine reduction has 

also been observed in voltammetric studies. 

A fair comparison between the thionyl and sulfuryl chloride systems c,an 

only be made in retrospect with an understanding of the chemistry involved. 

The S02CI2 cells were first pursued because' of an expected greater energy 

density due to the higher formal oxidation state of sulfur in S02CI2 relative to 

SOCI2. The SOCI2 cells were the first developed because of more severe 

corrosion of the anode in the S02CI2 system. Review of the above chemistry 

indicates that the energy densities should be similar, as was shown. Both 

systems generate the same amount of LiCI per equivalent of oxidant so the 

potential for cathodic paSSivation should be similar. However, the SOCI2 

system generates sulfur which is only slightly soluble in the electrolyte. At high 

discharge rates, it deposits preferentially within the cathode causing cell 

polarization [64]. As a result, the data of Schlaikjer [54] clearly shows the 

superior performance of S02CI2 cells at greater discharge rates. The greater 

amount of S02 generated in the S02CI2 cell might be expected to lead to 

greater internal pressures, a more massive containment system, and lower 

energy densities relative to the SOCI2 cell. This is not a significant 

disadvantage for the S02CI2 cell because of the solvation of S02 within the 

electrolyte. Dhamelincourt et al. [65] have shown through Raman spectroscopy 

that S02 is solvated in the LiAICI4/S0CI2 electrolyte through formation of 

Li(SOCI2) (S02) + AICI4 - and Li(S02)3 + AICI4 - species. The reduction in partial 

pressure can be four-fold relative to an equivalent amount of S02' Similar 

solvates may be possible within the S02CI2 system. The more severe anode 
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corrosion which occurs within the S02CI2 system may be offset with the use 

of alternate electrolyte salts. Dey has implemented lithium closoborane halide 

salts and found decreased anode corrosion in thionyl chloride electrolytes. 

Blomgren has employed AICI3/Li20 mixtures which are thought to etch the 

outer LiCI layer on the anode by formation of LiAICI4 . Other electrolyte salts 

based on transition metal halides with U20 and U2S have been suggested [66, 

67]. 

1.3 System Stability 

Sources of instability within these batteries are the result of lithium 

interacting with the electrolyte and cell construction materials. In Section 1 .1, 

the consequence of direct continual contact between anode and electrolyte was 

briefly discussed. The formation of a passive layer was identified as yielding 

the required separation between reactants to eliminate self-discharge. A closer 

look af this process is required due to the fact that loss of lithium by corrosion 

limits the practical energy density and cell lifetime. In addition, surface film 

growth alters the energetics of electron transfer, potentially limiting efficiencies 

further and limiting the capability of recharging in secondary systems. Another 

aspect not yet covered is the effect of lithium on materials used to contain the 

chemical system. Construction materials compatible with a strong reductant 

must be chosen to extend useful cell storage times and to eliminate the 

potential for release of toxic reagents. An understanding of the activity of the 
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most susceptible components of these cells is required to optimi7.e overall cell 

design. 

1.3.1 Anode Corrosion/Passivation 

Surface passivation is a relative concept extending to any system where 

additional surface reaction is inhibited. It is generally reserved to describe a 

change in surface stability reflected by several orders of magnitude decrease 

in reaction rate. Corrosion is initiated as a clean lithium surface is immersed 

in an oxidant-containing electrolyte. If an insoluble product(s) is formed, 

precipitation occurs at the surface and film growth starts. This film plays an 

increasingly greater role in corrosion regulation as it grows in thickness. The 

degree of passivation is a function of the nature of this film. If a single product 

is produced as a defect-free, crystalline phase, film growth would stop at a 

thickness slightly greater than the electron tunnelling distance within the film (20 

A for UCI). No electron exchange sites would exist at the surface for reduction 

and an oxidant molecule could not move close enough to the metallic lithium 

surface. This condition exists in the electro-deposition of lithium onto inert 

metal substrates from several media (Le. SOCI2) [68]. This process is actually 

aided by mass transport considerations rather than with a true defect-free film. 

With immersed bulk lithium, the initial reaction is rapid and exothermic. Excess 

energy is dissipated as heat which enhances lithium mobility at the interface. 

Several products may result yielding crystalline regions separated by regions 

of discontinuity containing these electron exchange sites. Gaseous products 
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may also be formed generating porous films through which oxidant may diffuse. 

As a result, surface passivation and film growth do not undergo abrupt 

changes. Corrosion may occur over the entire storage period of the cell 

(several months to 5 years) generating films on the order of microns [32]. 

Passive layer formation on the anode results in an electrode interface of 

unique characteristics relative to initial metallic lithium. One disadvantage to 

continued film growth is anode polarization due to a limiting mobility of the U+ 

cation in the interfacial region. Dey has studied the correlation between film 

growth and cell polarization for 502 and 50CI2 cells. Film growth was found 

to be a function of cell storage time and temperature. Cell polarization scaled 

with these para~eters and increased with decreasing discharge temperature 

and increasing discharge rate. Dey has shown through electron microscopy 

the eventual mechanical disruption of the film occurs and cell voltages recover. 

This polarization/recovery process is called "voltage delay" (formally defined to 

occur when cell voltage drops below 2V) and can last from milliseconds to 

hours. James [69, 70] and Moshtev [71] have studied similar effects based on 

film growth and mass transport limitations in non-convective experimental cells. 

These studies demonstrate additional potential mass transport problems in high 

energy density applications. 

The assumption employed above involves the initial contact of a clean 

lithium surface with the electrolyte. Two factors invalidate this approximation: 

the reactivity of lithium eliminates the ability to generate a clean lithium surface 

in anything other than an ultra-high vacuum environment and immersion of a 

surface in a liquid medium requires exposure first to the vapor phase of the 
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medium. Batteries are routinely assembled in dry rooms where water is kept 

to a minimum of 0.3 to 0.5% relative humidity (RH). The anodes are exposed 

to oxygen, nitrogen, carbon dioxide, carbon monoxide and low levels of water. 

Assembling cells in argon or helium glove boxes reduces the exposure to these 

gases but does not eliminate it. Depending on battery type and design, there 

exists a time period when the anode is exposed to the electrolyte prior to 

immersion in it. The more volatile components of the electrolyte will undergo 

gas/solid interfacial reactions with the surface and its contaminant overlayer. 

As a result, solution phase reactions . are more complex than most often 

described. They may involve chemical modification of the existing overlayer, 

selective solvation of components of the overlayer and additional reaction with 

accessible lithium metal, or complete dissolution and replacement of the 

overlayer. In any case, the anode may arrive in the battery (prior to immersion) 

pre-passivated. This condition may offer a variety of possibilities involving the 

selective pre- passivation of the anode to minimize continued film growth and 

extend cell storage lifetimes. 

Surface films carry additional weight when considering secondary cells. 

Peled [68] has detailed the electrochemical deposition and stripping processes 

of lithium. Several models have been proposed to explain poor stripping 

efficiencies (relative to plating). These involve the reduction of lithium within the 

thick surface passive layer (due to long periods of open circuit standing over 

the lifetime of the cell) due to defects within the film, localized heating, or more 

facile reduction in specific regions due to structural inhomogeneity. The end 

result is deposition of lithium throughout the passive layer along with deposition 
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at the metallic interface. Metal regions removed from primary interface become 

isolated dU!3 to a shutdown in the mechanism that produced them as discharge 

is initiated. As a consequence, these regions are lost electroactively. An 

understanding of film structure and composition is required to approach this 

question of optimization of secondary systems. 

Dey [32] first proposed that the film formed on lithium within the 

S02/CH3CN system was comprised of lithium dithionite. This was a likely 

candidate due to its insolubility and its preferential formation under reduction 

of S02 at a variety of electrode surfaces [36]. No experimental evidence of the 

formation of dithionite at the lithium surface at open circuit in an S02/CH3CN 

electrolyte has been reported in the literature to date. Dallek et al. [72] have 

studied the reaction of lithium with electrolyte components using differential 

scanning calorimetry (DSC). Surface films reacted with lithium generated 

responses similar to standard Li/Li2S20 4 runs. The batteries used had been 

discharged so it is unclear if the source of dithionite was redistributed cathode 

product. Anderson et al. [73] have employed X-ray Photoelectron Spectro

scopy (XPS) to analyze the surface region of discharged and undischarged 

anodes from experimental cells. Analysis led to low surface sulfur 

concentrations (3% to 8%, going from undischarged to discharged) with binding 

energy positions for the S (2p) transition indicating higher oxidation states than 

the formal 3+ of dithionite. A mismatch between carbon and nitrogen signals 

indicates appreciable atmospheric contamination of samples. Lithium bromide 

was used as the electrolyte salt and samples show incorporation of bromide. 

Kilroy et al. [74] have also used XPS to study surface films in experimental and 

------------ -
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commercial S02 cells. They have reported the formation of sulfate, sulfite and 

sulfide products on the anode in varying ratios depending on the state if 

discharge. Scanning Electron Microscopy (SEM) indicated significant structural 

heterogeneity (as did Dey's work). Scanning Auger Microprobe (SAM) images 

show chemical heterogeneity across the surface indicating specific regions of 

enhanced corrosion and discharge. These cells used LiAsF 6 as the salt and 

showed incorporation of fluoride in the surface film. Abraham et al. [75, 76] 

have utilized XPS and Infrared (IR) spectroscopy to analyze the surface film 

from commercial cells. IR spectra of discharged surface film indicate the 

presence of dithionite. XPS analysis of these films demonstrate a complex 

sulfur composition in a reasonably carbon-free environment. Reported S (2p) 

transitions cover a range of 168 to 162 eV (BE) and are attributed to 

polythionates (SnO~-), sulfite, and dithionite. Significant discrepancies exist 

between the reported S (2p) positions of reference compounds and those 

previously reported [145]. In addition no data was presented on the analysis 

of undischarged anodes. As a result, a clear picture of the chemical composi

tion of the passive layer within the S02"CH3CN system is currently not available. 

The surface films formed in the presence of thionyl and sulfuryl chloride 

are generally accepted as lithium chloride. Gabano et al. [77] were the first to 

analyze films formed in SOCI2 cells. The lack of sulfur product formation may 

be the result of solvation of sulfur containing intermediates which react further 

in solution. Little additional chemical analysis has been conducted because of 

the reduction of severe voltage delay in these systems by optimizing the 

electrolyte (see Section 1.2). Further attempts have been to minimize corrosion 
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by coating the anode with polyvinyl chloride (PVC) [78] and cyanoacrylate [79]. 

Boyd et al. [78] have also studied the effects of Fe3+ in the electrolyte to 

understand how corrosion of stainless steel accelerates corrosion of the anode. 

The formation of lithium carbonate is generally thought to be responsible 

for the passivation of lithium exposed to propylene carbonate. Propylene 

carbonate, tetrahydrofuran, and analogs of tetrahydrofuran represent the most 

favorable solvents for secondary cells based on stability toward lithium and 

electrochemical window. Dey [32] proposed the role of Li2C03 based on 

cathodic reduction of propylene carbonate on graphite [80] according to: 

Dousek et a/. [81] conducted gas chromatographic analysis of the volatile 

products of the Li/propylene carbonate reaction and found predominantly 

propylene gas with trace levels of C1 to C4 alkanes, carbon monoxide, and 

ethylene. This indicates that the hydrocarbon backbone stays intact with the 

preferential formation of Li2C03. Nazri et al. [82, 83] have studied surface 

layers on lithium electro-deposits (on Cu and Ni) in UCIOipropylene carbonate 

solutions using IR spectroscopy, XPS, Secondary Ion Mass Spectrometry 

(SIMS), and X-ray diffraction. Results indicate the formation of Li2C03 and a 

chlorinated polymeric product(s). Perchlorate reduction was also observed 

which coincides with the activity of the AsFs- anion as observed by Kilroy [74]. 

Aurbach et a/. [84] have studied surface films in-situ using reflectance Fourier 

Transform IR spectroscopy (FTIR). A reaction scheme has been presented to 
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explain the presence of lithium alkylcarbonates (RC03Li with the possibility of 

R being a polymeric group): 

CH2=CHCH20C02Li 
+ 

CH3CH= CHOC02Li 
C H CO - + 

3 6 3 CH CHCH OCO Li 
3 12 2 

CH3CHCH20C02Li 

This scheme centers around the kinetic limitations of the second electron 

transfer to form carbonate and the stability of the radical· intermediate. Surface 

film growth may slow the formation of carbonate by impeding the second 

electron transfer and intermediate instability would favor a rapid reaction to form 

the alkylcarbonate. On a clean lithium surface carbonate formation may be 

expected to some optimum thickness followed by the formation of the 

alkylcarbonate. Earlier studies [85] of Li amalgams have shown extensive 

carbonate formation because of the mobility of lithium within this matrix. This 

second electron transfer limitation is not fully met in this system. Electro

deposition of lithium may have shown significant carbonate formation due to a 

relatively film-free initial surface. The disparity in these two cases, electro

deposited films versus metal foils, is more consistently explained by the thick 

contaminant oxide layer that would exist on the foil surface after preparation in 

a glove box just prior to immersion in the electrolyte. It was also pointed out 

that ex-situ analysis may be plagued by the hydrolysis of alkylcarbonates to 

lithium carbonate and the corresponding alcohol. It is clear from these studies 
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that the transition from carbonate to alkylcarbonate is not abrupt and is 

dependent on the condition of the surface. 

The surface films formed on anodes in tetrahydrofuran (THF) have not 

been sufficiently characterized but appear highly dependent on electrolyte 

composition. Koch et al. [86] have studied the cycling behavior of lithium in 

THF using LiAsF6• LiCI04• and LiBF4 electrolyte salts. The hexafluoroarsenate 

system gave the best performance with visible signs of film growth. Further 

studies of this system [87] have demonstrated that the AsF6- anion plays a key 

role in surface film formation. Analysis of Li/THF solutions yielded C4HgOLi. 

ethylene and evidence for the enolate anion of acetaldehyde (CH2=CHO-). 

Surface films show the presence of arsenic. It was proposed that lithium 

reduces both THF and arsenic within AsF6- to form lithium butoxide and arsenic 

trifluoride. These products then react to form a polymeric network linked by 

O-As-O units. Support for this is the reaction of n-butanol and AsF 3 which 

yields a precipitate with a similar IR spectra. Additional evidence for ring 

cleavage of the cyclic ether has been given by Kerr [88] in the identification of 

1- and 2-pentanol from the reaction of lithium and methyltetrahydrofuran. What 

surface film forms in the absence of a reactive electrolyte salt has not been 

studied nor has the effect of THF through existing surface contaminant layers. 
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1.3.2 Glass Corrosion 

The most susceptible material toward lithium corrosion used to construct 

these batteries are the glasses used as insulators and separators [89]. This 

is due to the fact that lithium is a stronger reducing agent than silicon, 

aluminum and boron (the primary metals and semi-metals whose oxides 

constitute network formers in glass matrices). Figure 1.2 shows how these 

structures are situated in the battery. The insulator is a glass ring which is 

glass-to-metal (GTM) sealed around a cathode current collector pin (usually 

tantalum or molybdenum) and within a stainless steel disk (note that this outer 

ring is in electrical contact with the anode). This "header" is welded to the 

stainless steel vessel that forms the battery container once the electrode array 

has been placed within the vessel. The insulator essentially forms part of the 

container wall. Any corrosion which leads to cracking within the glass may 

produce losses in electrolyte which will affect battery performance and expose 

the surrounding environment to toxic gases and solvents. The separator may 

be composed of a variety of materials [90], but must be a glass for the SOCI2 

and S02CI2 systems because of the corrosive nature of the sulfur oxyhalides. 

The separator is a thin mat which is placed between the anode and cathode 

to provide an inner-electrode spacing for electrolyte and to prevent the 

electrodes from touching. Corrosion of either of these two components, which 

leads to the formation of a conductive product layer, may lead to internal short 

circuiting of the cell. 
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Corrosion has been observed in both of these structures. Corrosion of 

the separator due to contact with the anode is not severe due to the passive 

layer built up on the anode surface. Secondary cells have shown corrosion 

and build-up of dendritic lithium within the separator. Corrosion is more severe 

in the insulator application. Corrosion is observed to start at the outer edge 

of the GTM region and propagate radially inward toward the center pin (see Fig 

1.2). Eventual cell failure occurs due to a short circuit and/or insulator fracture. 

Bunker et al. [91. 92] have studied the effects of lithium in various electrolytes 

on commercial and experimental battery header designs. The battery condition 

was simulated by pressing lithium on the edge of the outer stainless steel disk 

and placing it into a sealed ampule containing the electrolyte of interest. 

Corrosion rates were determined by measuring the distance the corrosion 

product had propagated toward the center pin. In the glass systems studied. 

corrosion resistance scaled with decreased silica content. Corrosion also 

appeared more severe in the S02/CH3CN system than for the LiAICI4/SOCI2 

and LiAICI4/BrCI/SOCI2 (bromine complex) systems. Within a specific glass 

system compositional variations can occur due to the GTM seal process 

producing Significant changes in corrosion resistance. Chemical analysis of the 

corroded product layers [93] using SIMS and x~ray fluorescence from an 

electron microprobe yield a multi-layer structure. The outer-most layer consists 

of a thick (up to 3000 A for 3 month period) layer of predominantly lithium with 

less than 10% silicon and sulfur combined. A second layer sits adjacent to the 

glass composed of lithium and glass matrix components. Incorporated 



53 

throughout these layers are crystals of lithium dithionite and either LiBr or LiCI 

(for the S02 and SOCI2 systems, respectively). 

It is not clear how corrosion occurs within th~ glass insulator. The GTM 

region is near the potential of the lithium anode due to electrical contact 

between the outer disk and the anode. The role of lithium was demonstrated 

by the presence of reactive lithium (either as the metal or as a high Li/Si ratio 

alloy) within the product layer and the fact that corrosion does not occur when 

3.2 V is impressed across the outer disk and solution (via a second electrode) 

if Li+ cations are not present in solution. Two models exist to date as to how 

lithium ends up in the corrosion product. The first is a direct reduction/ 

spontaneous electrochemical alloying model (DR/SEA) [94]. H~re, the GTM is 

viewed as a cathode, shorted to the lithium anode, which will carry out 

whatever reduction process can be supported. One possibility is the reduction 

of silicon to form U/Si alloys. These alloys will form spontaneously but the free 

energies of formation are < 10% the value for the reduction of S02 and even 

lower for SOCI2 and S02CI2. Thermodynamically, the GTM region should 

support reduction of the electrolyte before silica. A passive layer could 

kinetically limit these other processes and only allow Li+ migration. As 

indicated, thick passive layers were not detected. A second model has been 

proposed [92] based on a underpotential deposition model (UPD). Lithium is 

first deposited at the GTM region because it is near the potential of the lithium 

anode and because specific sites allow for lithium to be stable in a reduced 

state at potentials positive of the normal Li/Li+ couple. Corrosion is initiated 

with deposition and a reaction front is generated. Further deposition is 
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proposed within the corroded product layer and at the corrosion front provide 

conductive products result. This corrosion process then propagates its way 

through the glass matrix. A passive layer would also be expected in this case 

to protect reactive products formed. The problem with both of these models 

is the fact that limits exist in terms of an ultimate Li/Si ratio. For direct 

reduction, the driving force for the reaction drops as the U content of the alloy 

increases. The highest Li/Si ratio stable alloy is Li22Sis which translates to ca. 

19% silicon (compared to < 10% with sulfur for the observed values). The 

question to be asked in considering UPD becomes how much Li can be 

become incorporated before the energetics approach the deposition in bulk 

lithium. The question remains as to how a separate lithium-rich phase grows 

at the glass surface. 

1.4 Experimental Modelling 

An approach to the questions posed in the previous sections concerning 

anode passive layer and glass corrosion layer composition involves the use of 

models. The electrolyte may be broken down into single components and the 

reactions between each component and lithium may be studied to explore the 

underlying chemical processes. With these reference systems, composite 

systems can be studied yielding information on concerted activity of oxidants. 

This process can be repeated until the entire system can be explored having 

obtained the appropriate background knowledge. The properties of an 

electrode interface are usually determined by those few monolayers immediately 
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adjacent to the metal interface. This applies to surface passivation and is 

demonstrated by attempts through AC impedance spectroscopy to measure 

film thickness on lithium anodes [95]. This suggests that surface sensitive 

analytical methods would be ideal for exploring this interfacial region as it is 

formed. Electron spectroscopies have the advantage of high absolute surface 

sensitivities and a reasonably quantitative chemical information yield. In 

addition, they are ultra-high vacuum (UHV) techniques compatible with the 

requirement for the generation of clean reactive metal surfaces. Exposure of 

surfaces to the vapor phase of electrolyte components represents the first stage 

of surface reaction prior to immersion of the anode. It also represents a 

dilution of the condensed phase reaction and allows for single monolayer 

build-up of product layers. Pre-exposure of these surfaces to oxygen and 

water represents the contamination an anode suffers in the fabrication stage of 

the battery. Vapor phase exposures of several components extends this model 

from the reference level to a more accurate representation of the electrolyte 

vapor. Solution exposures allow for a connection to be made from the vapor 

to the condensed phase, despite the fact that product layers may exceed 

sampling constraints. Finally, electrochemical evaluation of these surfaces 

correlates chemical structure with specific physical properties. 

Several studies have addressed the fundamental chemical processes that 

take place at a lithium surface. McLean et al. [96] have studied the reactions 

of 02 and H20 on lithium using Ultra-Violet Photoelectron Spectroscopy (UPS). 

Spectral evidence exists for a discrete surface/water complex compared to the 

formation of a surface oxide due to 02 exposure. Monolayer coverages of . 
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product due to exposure to 02 and H20 were reported to occur at 6 and 1 0 

L, respectively (L = 1 Langmuir = 10-6 Torr-sec). XPS analysis of these same 

reactions indicated only the presence of a mixed oxide/hydroxide overlayer for 

H20 [97]. Monolayer product coverages were reported as 6 and 11 L, in 

reasonable agreement with the earlier study. Hoenigman et al. [98, 99] have 

looked at the reactions of CO, CO2 and S02 with lithium up to exposures of 

100 L Carbon monoxide and dioxide represent additional contaminants during 

the battery fabrication stage. Neither of these systems are as reactive as 02' 

H20 and S02' with monolayer product coverage forming beyond 50 L. Both 

yield a mixed surface oxide/carbide layer with CO2 generating U2C03 at greater 

exposures. Sulfur dioxide yields a mixed oxide/sulfide layer with a sulfur 

oxyanionic species reported to be U2S03 prior to formation of a monolayer. 

Monolayer coverages are reported to occur at 4.5 L. Nebesny et al. [100-102] 

have studied this S02 reaction from sub-langmuir to atmospheric pressure 

exposures using Auger Electron Spectroscopy (AES). Auger lineshape analysis 

of the S (LMM) transition gave continued formation of oxide/sulfide up to 

millitorr exposure pressures with an approximate 1: 1 mixture of dithionite and 

thiosulfate forming up to atmospheric pressures. The sticking coefficient (the 

percentage of successful product generating collisions of gas phase molecules) 

was measured using a alternate kinetic method and gave values ranging from 

0.1 to 0.3 for submonoloyer product coverages. This translates to monolayer 

coverage exposures of 3 to 1 0 L in approximate agreement with the previous 

studies. 



57 

This dissertation presents the results and discussion of a variety of 

reference system reactions with lithium surfaces using XPS as the principal 

spectroscopic probe. Gas/solid interfacial reactions have been explored from 

sub-Langmuir to millitorr pressure exposures for the oxidants listed in Table 1.1. 

In specific cases, composite systems have been explored such as S02 acting 

through existing surface oxide films. Condensation experiments have been 

conducted within specific systems (S02' H20, CH3CN) to slow reaction rates 

down for the observation of initial surface species and to evaluate the role of 

lithium mobility. Surface heating studies have been employed to explore the 

stability of surface products and the metal/product interface (S02' H20, 

CH3CN). Thin lithium films have been generated to understand product 

formation under lithium-limited conditions. Select solution exposures have been 

carried out to allow for the extrapolation from gas/solid to liquid/solid interfacial 

reactions. This allows for a more effective model in the consideration of 

electrochemical processes. The activity of sodium has also been explored to 

understand its role as a contaminant in battery grade lithium (typically 0.02% 

to 0.05%). From these studies a clear picture of the relative reactivity of these 

oxidants and their extent of reaction with lithium the product formation, the 

stability of the products and the product/metal interface can be generated. 

Included in this dissertation are also the results and discussion of select 

electrochemical experiments within the S02/CH3CN system. Experiments have 

been conducted to study film growth and potential pre-passivation of lithium 

surfaces using a coupled UHV preparation chamber/electrochemical chamber. 

This allows for controlled deposition of clean lithium films, controlled 



Table 1.1 

Oxidant Systems of Interest 

Half-Cell Oxidants Sulfur Dioxide (S02) 

Sulfuryl Chloride (S02CI2) 

Solvents Acentonitrile (CH3CN) 

Propylene Carbonate (C3H6C03) 

Tetrahydrofuran (C4H40) 

Contaminants Oxygen (02) 

Water (H20) 

Reference Oxidants Hydrogen Sulfide (H2S) 
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pre-treatment of this clean surface, and spectroscopic analysis prior to and 

after the appropriate electrochemical experiment(s). A knowledge of the system 

chemistry is required for this surface pre-treatment along with that involved in 

exposure of the surface to the electrolyte vapor. The experiments described 

previously set the groundwork for these electrochemical studies. These 

experiments also attempt to correlate the surface spectroscopic information with 

that of the electrochemical world. From both sets of studies a model for 

passive layer formation may be generated. Out of this is derived a better 

understanding of the electrochemistry of reactive metal electrodes. 

Reported in this dissertation are also the results and discussion 

concerning lithium corrosion of glasses using XPS as a surface spectroscopic 

probe. With the identification of a reactive lithium layer within the corrosion 

products of glass insulators, comes the possibility of modelling this process 

with thin lithium films deposited on glass surfaces. Several families of glasses 

(silicates, alumino-silicates, alumino-borates) have been studied which represent 

control matrices for glasses currently being used in commercial application. 

Several currently applied glasses have also been run as corrosion resistant 

standards. Studies have been made of both network forming (the metal or 

semi-metal oxide) and network modifying (alkali and alkaline earth cations) 

components present within these matrices. These results will be correlated with 

the results of corrosion studies of reference silicate systems (Maschhoff et al. 

[103]), with explored sodium activity in specific glasses, and with known 

corrosion of glasses in commercial systems. 
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CHAPTER 2 

EXPERIMENTAL METHODS 

The experimental procedures employed for the generation and analysis 

of a variety of lithium interfacial systems are described in this chapter. The 

experimental parameters for conducting surface spectroscopic analysis, 

electrochemical analysis invoMng cyclic voltammetry and galvanostatic step 

experiments, and quartz crystal microgravimetry are presented. The process 

of generating and handling clean reactive metal surfaces is discussed. The 

design of an ultra-high vacuum (UHV) chamber for the generation and 

controlled reaction of these surfaces is presented in detail. In addition, a 

method for conducting coupled UHV/electrochemical experiments is presented, 

complete with system design. 

2.1 Surface Electron Spectroscopy 

The X-ray Photoelectron and X-ray induced Auger Electron Spectroscopy 

described in this dissertation was conducted on a Vacuum Generators 

ESCALAB Mk "spectrometer. A combination of turbomolecular, ion and 

titanium sublimation pumps maintained a continual vacuum in the 10-10 to 10-11 

torr range. Spectra were obtained using both Mg (Ka) (source energy = 1254 

eV) and AI (Ka) (source energy = 1487 eV) sources depending on the 



61 

information desired. Greater source energy translates to greater sampling 

depths [104] and often enhanced transition cross-sections (probability of 

photoelectron emission). However, considering source design and sample 

orientation, the AI (Ka) source yielded lower x-ray incident fluxes at the surface. 

Photoelectron kinetic energy analysis was conducted using an electrostatic 

lens/hemispherical analyzer combination with adjustable entrance and exit slits 

for variable energy and spatial resolution. The analyzer was operated 

exclusively in a constant analyzer energy mode (CAE, also referred to as fixed 

analyzer transmission or FAT). In this mode, resolution is determined by the 

energy range of electrons transmitted to the detector. This range is determined 

by the pass energy. Electron detection was performed in an electron counting 

mode with a channeltron detector. Kinetic energy axis calibration and 

spectrometer work function offset were carried out using sputtered Cu, Ag, and 

Au foils. This spectrometer was interfaced to an LSI 11/23 DEC (Digital 

Equipment Corp.) computer using an in-house interface. Control software, data 

acquisition software, and data reduction software were all written within the 

laboratory [1 05]. 

The bulk of the electron spectroscopic data from the lithium/glass 

corrosion studies was generated on a KRA TOS XSAM 800 spectrometer located 

at Sandia National Laboratories [106]. This system also employed a twin 

anode x-ray source with similar intensity weighting toward the Mg source. 

Sources were operated in the 250 to 300 Watt range. The spectrometer was 

exclusively ion and titanium sublimation pumped and was capable of 

maintaining a base pressure in the low 10.10 torr range during the course of 
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these experiments. The system is based on a similar electrostatic 

lens/hemispherical analyzer design with channeltron detection as with the 

Vacuum Generators system. In the CAE mode, pass energies are preselected 

at different values and bracket those of the Vacuum Generators spectrometer. 

As a result, some spectral features vary between these instruments. The 

interface, control computer, and data acquisition software were all supplied by 

Kratos. 

2.2 Production of Clean lithium Surfaces 

Clean lithium surfaces can be generated by vacuum evaporation and by 

mechanical abrasion of a thick foil. The conditions of the experiment dictate 

which method is chosen. Ideally, vacuum evaporation is the method of choice. 

This approach amounts to vacuum distillation of lithium. If careful outgassing 

of the source is conducted and attempts are made to prevent the resublimation 

of sodium from chamber walls, clean lithium films may be obtained. 

Evaporation of lithium requires temperatures in the 400 to 500°C range at 1 O·g 

torr base pressures. Heat from the source is dissipated within the vacuum 

system resulting in contaminant desorption and increases in local pressure. For 

periodic, thick film deposition equilibration time periods can consume much of 

the available experimental time. 

Mechanical abrasion of a surface results in partial removal of material 

from the surface and mixing of the contaminant o\lerlayers with the metallic 

underlayers. This can be viewed as a dilution method. Electron 
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spectroscopies have a limiting relative sensitivity of parts per thousand under 

the most favorable conditions (high cross-section transition). As a result, 

abrasion produces surfaces of suitable cleanliness. These surfaces will be 

demonstrated to give an identical response to evaporated films with respect to 

three oxidants. Abrasion has the added advantage of looking at' anode quality 

lithium used in battery applications. Abrasion facilitates faster experimental 

turn-around times, eliminates surface heating (due to the condensation of gas 

phase lithium during deposition), and is not plagued with pressure variations. 

Sodium is always present in this material (typically 0.02 to 0.05% for high quality 

battery grade) and its activity must be characterized. 

Lithium surfaces have been generated by both mechanical abrasion of 

foilS and vacuum evaporation. Uthium (99.9%, Alpha) was stored and handled 

within an argon filled glove box. The argon delivery line was fitted with a 

molecular sieve (4 A Linde) trap and a heated Cu turnings trap. Phosphoric 

anhydride and freshly scraped sodium chips were used to further scrub the 

argon atmosphere within the glove box. Lithium was stored in an air-tight jar 

to eliminate constant exposure to the glove box environment. Foils were 

prepared by cutting 1.5 mm thick ribbon to the appropriate shape and pressing 

it onto nickel-plated stainless steel sample stubs. These stubs are transferred 

under argon to a glove bag mounted on the spectrometer airlock. The glove 

bag was purged with argon and samples were loaded into the airlock. Analysis 

of these samples prior to abrasion indicated primarily surface hydroxide 

formation with low levels of carbon (carbonate) and trace levels of fluoride 

anion (probably from the glove bag). No sign of sodium or phosphorous from 
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the drying reagents in the glove box were detected. A wobble stick, with a 

cutting blade welded to a fork attachment was used as the scraping tool. The 

sample stub was positioned on a stage and the blade drawn along its surface. 

Reflective surfaces with a visibly striated appearance result. Changes in net 

surface orientation resulting in variations in photoelectron yields from the 

surface to detector can be minimized with a reproducible technique. No 

indication of integrated surface contamination due to mixing has been observed 

for up to 80 to 100 scrapes on a single foil. This marks the pOint where the 

blade must be removed and cleaned due to lithium build-up. To eliminate large 

variations in surface structure and minimize the effect of x-ray source heating, 

4 to 6 individual foils were used in a rotation pattern. 

Evaporation of lithium films requires a large reservoir of lithium due to the 

required thickness. Uthium was evaporated from a tantalum crucible with a 

0.01 in. coating of AI20 S flame sprayed on the outside surface (R. D. Mathis). 

This crucible was placed in a tungsten basket (filament) between two steel 

support fixtures and suspended between the poles of a high current 

feedthrough (MDC Vacuum Products Corp.). The source design is shown in 

Fig. 2.1. Power was supplied to the filament by a titanium sublimation power 

supply. Source temperatures were monitored with a chromel-alumel 

thermocouple pressed against the inner wall of the crucible. Connection for the 

thermocouple was though a separate electrical feedthrough on a second port 

of a five-way cross which constitutes the source chamber (see Fig. 2.2). 

Evaporation was conducted at source temperatures of 400 to 450°C. 

Deposition rates measured by lithium uptake on a quartz crystal microbalance 
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range from 50 to 100 A per minute within this region. Substrates used for film 

deposition have been sputtered Ni and Ta foils.· In selected cases, where a 

polished surface was required, the top face of a stainless steel sample stub 

was used. The lithium source was loaded under argon. The chamber (see 

Fig. 2.2) was vented with argon with a glove bag taped to the top port of the 

evaporation chamber six- way cross. A lithium plug was fashioned in the glove 

box and transferred to the glove bag under argon. After purging the glove 

bag, the top port was opened and the lithium plug was placed in the crucible. 

The vacuum system was then resealed and pump-down initiated. Careful 

source degassing coupled with chamber bake-outs were required to establish 

suitable base pressures for clean film deposition. Source degassing at 300°C 

for ca. 4 hours was found sufficient for removal of sodium from the lithium 

source. Resublimation of sodium from the chamber walls was eliminated by 

backfilling the chamber with 02 at a partial pressure of 1 x1 0-5 torr for 300 

seconds. 

2.3 Lithium Deposition/Reaction Chamber 

The vacuum chamber used for these studies is shown in Fig. 2.2. This 

system was designed as both a deposition and reaction chamber. The 

chamber was designed as a stand-alone, mobile unit with vertical adjustment 

so that it could be coupled to several different spectrometers. It was pumped 

with a 150 I/s turbomolecular pump [Leybold Heraus] and a 25 I/s ion pump 

[Ultek]. Typical chamber base pressures were in the 2 to 4 X 10-10 torr range 
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with values of 1 to 2 x 10-g torr during lithium deposition. (These values are 

given for the chamber coupled to another vacuum system. On its own, base 

pressures are on average a half to a full order of magnitude greater due to 

conductance limitations.) The ion pump was attached to the fifth arm of the 

source chamber. The source chamber may be sealed off and pumped 

separately with the source feedthrough attached to a linear drive for height 

adjustment and a gate valve above it. Height adjustment was necessary to 

prevent deposition of lithium within the gate valve body. High level exposures 

could be carried out without contaminating the lithium source. The first in-line 

six- way cross represents the evaporation chamber. The second six-way cross 

provided ports for the attachment of preciSion leak valves (MO-6 and MO-7, 

Vacuum Generators). Pressure was monitored by a nude ion gauge and gas 

profiling and leak detection conduct~d with a quadrapole mass analyzer 

(Supavac, Vacuum Generators). Sample translation (linear and rotary) was 

accomplished with a sample carriage mounted on a magnetically coupled rod 

(Huntington). The chamber could be isolated from the turbomolecular pump 

via a metal seal right angle valve (Huntington) for millitorr to atmospheric 

pressure exposures. The chamber was fitted with a UHV compatible 

thermocouple gauge (Varian), a metal seal valve (Granville-Phillips) and a 

sorption pump (Huntington). This allowed for rough pumping to a base 

pressure of several millitorr with the sorption pump followed by a change over 

to the turbomolecular pump with no system contamination. The thermocouple 

gauge was calibrated using a capacitance manometer on a separate vacuum 

system. Sample translation within the spectrometer was conducted using a 

----- ~ ~-~-~-~~ ~ --~ ~ -- ~~ -
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series of wobble sticks and drive mechanisms. The time required to transfer 

a sample from the reaction chamber to an analysis position in the spectrometer 

ranged from 90 to 120 seconds. Abrasion of a foil was conducted in a 

chamber adjacent to the reaction chamber. Times necessary to position the 

sample for exposure were less than 60 seconds. 

A second UHV chamber was constructed at Sandia National Laboratories 

based on the previous design. This system is shown in Fig. 2.3. Some 

modifications were necessary due to equipment availability and experimental 

requirements. This system was pumped with a 150 I/s turbomolecular pump 

(Balzers) and, for the UlMg alloy experiments to be discussed, an additional 50 

I/s turbo molecular pump (Balzers). A six-way cross served as an airlock for the 

introduction of glass samples. These samples were fractured in a glove bag 

purged with nitrogen, mounted into sample stubs, and placed in the airlock. 

The airlock was evacuated with a sorption pump (Huntington) to a base 

pressure of several miflitorr. Sample transfer was conducted in the 

deposition/reaction chamber. The lithium source design was identical to that 

described previously. Loading of the source was conducted by detaching the 

source chamber (after the entire deposition/reaction chamber had been brought 

up to argon), reloading in a dry room designed for battery fabrication and 

maintained at 0.3% relative humidity, and reattaching. A magnesium source 

was constructed from a tungsten filament [A. D. Mathis] with magnesium foil 

(Alpha) wrapped around it suspended between the pole of a high current 

feedthrough. The airlock served as a magnesium film deposition chamber 

using 50 I/s turbopump. 
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Sample heating and cooling could be conducted at several positions in 

the V G. spectrometer. The precision manipulator used to position the sample 

for analysis has been fitted with a liquid feedthrough with a reservoir in thermal 

contact with the sample stub. Fluids of varying temperature (N2(1) and heated 

N2(g)) can be used to cool or heat the sample. Sample temperatures may be 

approximated using thermocouples touching the stub or attached to the 

manipulator stage. For higher temperature work, a tungsten filament was 

placed underneath the manipulator stage. Current was supplied through low 

current feedthroughs on the manipulator vacuum flange from a power supply 

(Vacuum Generators). Heating/cooling stages (Vacuum Generators) in separate 

chambers were used for more extreme conditions were surface outgassing 

became a problem. These stages were also used for condensation 

experiments where exposures could not be conducted in the analysis chamber 

for fear of system contamination. Sample heating within the Kratos 

spectrometer was conducted by mounting a tungsten wire wrapped ceramic 

tube onto the manipulator tip. A strip of stainless steel foil attached to the tip 

bottom with a chromel-alumel thermocouple spot welded to it contacted the 

base of the sample stub. The filament was positioned well below the substrate 

surface to prevent evaporation or outgassing onto the sample surface. 

~~ ~ -.--~--~-----~-----~~== 
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2.4 Reagent Introduction 

Equally important as production of clean lithium surfaces is the 

introduction of pure reagents for reaction with the surface. The first 

consideration is the purity of the reagent itself and the second, the purity with 

which it can be introduced as a vapor into the vacuum system. Research 

purity 02 (99.998%), anhydrous S02(99.9%}, and anhydrous H2S (99%) were 

supplied by Matheson. Electrochemical grade, triply distilled H20 (twice from 

KMn0.J was used as a source of water vapor. Gold label SOCI2 (99.9%) and 

reagent grade S02CI2 (98%) were supplied by Aldrich. Sulfuryl chloride was 

redistilled from lithium (after reflux) under argon on a Schlenk line. These 

reagents were stored under argon in the glove box. Spectrochemical grade, 

distilled in glass acetonitrile (20 ppm H20), propylene carbonate (20 ppm H20), 

and tetrahydrofuran (30 ppm H20) were purchased from Burdich & Jackson. 

These solvents were further dried by storing over molecular sieves for a 48 to 

72 hour period followed by elution from a 10 cm activated alumina column 

immediately prior to use. Molecular sieves (4 A Linde) and alumina were 

heated for a 12 hour period up to 900°C in a furnace, placed in a vacuum 

dessicator over phosphoric anhydride, immediately after removal from the 

furnace, and pumped on with a mechanical pump (with an in-line N2(1) trap) for 

a 4 to 6 hour period. This dessicator was loaded under vacuum into the glove 

box and the drying materials immediately used. Solvents were taken into the 

glove box in one set of glassware and transferred over to a second set with 

the drying agent. This second set of glassware and the columns used for 
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drying on alumina were heated overnight in an oven to ca. 150°C and loaded, 

while hot, into the airlock of the glove box and pumped on. The reagents 

handled in the glove box (organic solvents and sulfur oxyhalides) had to be 

dealt with individually with an overnight purge of the glove box atmosphere to 

prevent cross contamination. All residual glassware was removed during this 

time. To prevent contamination during storage, volumetric flasks with ground 

glass joints were used and sealed with teflon tape. 

Vacuum introduction of these reagents must also be carefully controlled. 

The gases (02' 802' H2S) were introduced to the back side of a leak valve 

using a sorption pumped manifold. Leaktight stainless steel fittings (Swagelok), 

1/4 in. stainless steel tubing, bellows sealed valves (Nupro, H series), a 1/4" 

stainless tubing to 1.33" knife-edge flange adaptor (MOC Vacuum Products 

Corp.), a thermocouple gauge, and a sorption pump were used. This T

configuration allows hydrocarbon-free pumping of the leak line down to several 

millitorr. Unes were usually baked using heating tapes to eliminate water. The 

pressure gauge allows for identification of any large scale vacuum leaks. Each 

gas was profiled using a QMA to evaluate its purity. Additionally, leak line traps 

were employed for on-line purification. A stainless steel coil immersed in a 

methanol/dry ice bath provided residual water removal from 02' This effect was 

noticeable at the millitorr to atmospheric pressure exposures. A phosphoric 

anhydride trap with 2,um filter (Nupro, TF series) was used for 802 to remove 

residual water. A combination of these two traps (the methanol/dry ice batch 

was allowed to warm to -60°C) were used for H28. 
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The solvents (excluding the sulfur oxyhalides) and water were contained 

in sealed-off glass adaptors (capillary) (MDC Vacuum Products Corp.) bolted 

directly to the backside of the leak valve. Capillary tubes were heated 

overnight to' 200°C and pumped on in the airlock of the glove box. The solvent 

of interest was passed through the alumina column directly into the capillary. 

Several m: of liquid were collected prior to sealing the capillary to the leak 

valve. This assembly was then removed from the glove box and mounted onto 

the vacuum system. Water was loaded in atmosphere into a clean capillary. 

Once the leak valve was sealed on the reaction chamber, the solvent was 

cooled in a methanol/dry ice bath. The capillary was pumped out through the 

leak valve using· the turbo molecular pump. The solvent was allowed to warm 

to room temperature with the leak valve closed. This freeze/pump/thaw cycle 

was repeated 4 to 5 times with the last pumping period stretched over a 3 to 

4 hour period. This was the time required for the system to reach a base 

pressure value of less than 10-6 torr after being brought up to argon. The 

sulfur oxyhalides are corrosive to copper which is used as the malleable metal 

seal face in a leak valve. For these systems an alternate method is required 

to eliminate constant exposure of oxidant to the sealing mechanism. A sealed 

glass-to-stainless steel sleeve (Cajon) blown to form a bulb and a bellows 

sealed valve were used to contain the reagent. These reagents were loaded 

in the glove box (after sufficient bake-out of and pumping on the valve and 

capillary) and the valve was sealed. Dissolved gases were removed with a 

similar freeze/pump/thaw cycle using a N2(1) bath and the sorption pump. 

Residual S02 and HCI, the hydrolysis products of these reagents, can be 
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removed this way. Clear, colorless liquids were obtained for each of these 

materials. The T-configuration allows for exposure of the sealing mechanism 

only while reaction chamber exposures are taking place. The capillary is sealed 

and the leak line pumped out during the remainder of the time. 

2.5 UHV Compatible Electrochemical Cell 

The cell design that follows was based upon a desire to generate clean 

metal films under UHV conditions followed by immersion in an electrolyte 

without disrupting the original UHV environment. This was accomplished by 

transferring the film to a second chamber whose environment could be 

controlled from atmosphere to moderate vacuum. Figure 2.4 shows an 

attachment to the existing deposition/reaction chamber (at the QMA port) 

designed for this purpose. This electrochemical chamber was comprised of an 

upper and lower chamber isolated from the depOSition/reaction chamber by a 

gate valve. A second gate valve allowed the upper chamber to be sealed 

during sample transfers. Prior to this stage, the upper chamber was evacuated 

using a sorption pump. Faster experimental turnover could be achieved with 

a high vacuum pump used as a second stage of pumping after the roughing 

stage. This was not available when the experiments discussed in this 

dissertation were conducted. The lower chamber housed a thistle tube used 

to contain the electrolyte. This tube was raised into and lowered out of the 

upper chamber using a linear motion drive. An electrolyte reservoir was 

attached below this drive mechanism and was raised and lowered with it. The 
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electrolyte was raised and lowered within the tube with hydrostatic pressure by 

controlling the pressure within the chambers. The reservoir was designed as 

a closed system for applications where atmospheric contamination or loss of 

volatile components was critical. All connections to the reservoir were designed 

to translate vertically. The thistle tube was raised to engage the electrodes. 

The electrode of interest (working electrode) was positioned on a magnetic 

linear rotary drive and support electrodes were mounted within the chamber. 

It would be possible to expand on this concept and add a second reservoir (in 

parallel with the first) for electrode washing after immersion (i.e., for removal of 

the electrolyte salt in consideration of sampling depth limitations in electron 

spectroscopies) with minor modifications. 

The basic vacuum hardware design was conducted to minimize internal 

volume and surface area. The size requirements for the experiment were 

relatively small, but the ability to transport and transfer a sample generated 

significant restrictions. The experiment was conducted within the six-way cross. 

Viewports were mounted on the top and on one side port for visual adjustment 

of the sample, the thistle tube, and the electrolyte level. The remaining side 

port was used to mount an electrical feedthrough for electrode contact. A tee 

placed between the cross and the magnetic drive served as a connection for 

the vacuum pump and a gas delivery line. This port could be sealed using a 

right angle metal seal valve (Huntington). A gate valve was mounted directly 

below the cross with the lower chamber extending downward. The linear drive 

(Vacuum Generators) was connected to the gate valve with a short 2$' nipple. 

A double-sided flange and an O-ring seal quick-connect (1/4") adapter flange 
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were sealed below the drive. A double-sided flange had a 1/8" NPT threaded 

port for gas delivery line attachment. 

The electrochemical experiments conducted were based on a three 

electrode cell design. The counter and reference electrodes were mounted 

onto the leads of a 4-pin electrical feedthrough (Vacuum Generators) with 

copper/beryllium barrel connectors (Kimball). Two platinum flags (5 mm X 5 

mm) spot-welded to platinum wire served as the counter electrode. A length 

of coiled silver wire which had been anodized in a saturated AgCI04/CH3CN 

solution served as a reference electrode. These electrodes were positioned for 

immersion as the thistle tube was raised and filled with electrolyte and to avoid 

impeding sample transfer. The sample or working electrode was a nickel 

button seated in a spectrometer compatible sample stub. The nickel button 

had been machined with a 30° bevel (w.r.t. surface parallel) to minimize edge 

effects (nickel in direct contact with the electrolyte). This bevel gave a 

convenient mark for the maximum point of immersion. These nickel surfaces 

were polished successively down to a" 0.3,um (alumina) finish. The working 

electrode was positioned on an electrically isolated stage mounted on the end 

of the magnetic drive. This stage is shown in Fig. 2.5. The slot configuration 

allowed for some play when transfers were conducted in the deposition 

chamber. At this stage, the magnetic drive in the deposition chamber had a 

6 X 32 threaded nipple which engaged a threaded hole on the sample stub. 

The lower plate is isolated from the drive attachment with a mica sheet and 

centering ceramics. Electrical connection is made through a set screw on the 

underside of the plate. The teflon encased copper braid core of a length of 
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coaxial cable (RG174) was coiled (after heat treatment) around the 1/4" (dia.) 

rod of the magnetic drive. This coil extended from the rod tip to the centering 

bearing race in the mouth of the magnetic drive body - a distance of ca. 7". 

At this point, it was anchored to the bearing race support and allowed to 

extend back toward the electrical feedthrough for connection at the remaining 

fourth pin. The opposite end was connected to the working electrode stage 

with the set screw. Good contact between sample stub and stage was 

ensured with the use of a spring (stainless steel safety pin). The individual 

leads on the feedthrough were staggered in length and encased in ceramic 

(alumina, Kimball) to prevent shorting. 

A closed electrolyte and gas delivery system were required to minimize 

contamination of the lithium film and maintain the integrity of the electrolyte. 

The reservoir was built to allow for loading of the electrolyte followed by sealing 

off the vessel. This was accomplished by attaching two vacuum stopcocks 

(one in-line and one right angle) to a cylindrical glass vessel (see Fig. 2.6). The 

stopcocks had a 5 mm aperture with a teflon barrel, two teflon o-rings, and one 

ptfe o-ring (Ace Glass). Teflon was chosen to shield the elastomer o-ring due 

to the presence of CHsCN and 802 in the electrolyte. A threaded connector 

(Ace Glass) was attached to one end of the in-line stopcock to allow for 

connection of the thistle tube base to the reservoir. A teflon cap and ferrule 

was used for a leak-tight sea/. A length of glass-to-Kovar adaptor was attached 

to one end of the right angle stopcock for connection to a gas delivery line 

(Fig. 2.7). The reservoir was pressurized with UHP argon. This argon was 

passed through a phosphoric anhydride trap, a heated copper turnings trap 
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and a 2 .um sintered steel filter (Nupro) prior to introduction into the 

electrochemical chamber or into the reservoir. The traps were made from 16" 

lengths of 1/2" (dia.) stainless steel tubing (to alleviate large pressure drops) 

with 1/4 in. adaptors. Argon was handled in a manifold shown in Fig. 2.7. 

The manifold could be evacuated to the argon cylinder head to ensure gas 

purity. Part of the manifold was used as a vacuum manifold as well. Valving 

was such that argon could be delivered independently to the upper chamber, 

the lower chamber, and the reservoir. The upper and lower chambers could 

be evacuated independently of one another (with the gate valve closed). 

Evacuation of the lower chamber is a necessity when first attaching the 

reservoir. All fittings were leak-tight, stainless steel components (Swagelok) with 

bellows sealed valves (Nupro), flexible 1/4 in. bellows stainless steel tubing 

(Cajon), and standard 1/4 in. stainless steel tubing. 

Electrolyte purity was a primary concern in these experiments to 

guarantee selective interaction with evaporated lithium films. Spectrochemical 

grade acetonitrile (< 20 ppm H20, Burdick & Jackson) was dried over freshly 

activated molecular sieves (as previously described) for a minimum 48 hour 

period in an argon filled glove box. A suitable quantity was transferred to a 

Schlenk flask containing < 1 % w/v phosphoric anhydride. This flask was 

removed from the glove box and placed on a UHP nitrogen manifold back 

pressured with an oil bubbler. It was connected to a pre-purged fractional 

distillation apparatus and distilled under nitrogen. The middle fraction was 

collected in a pre-dried and purged Schlenk flask and moved inside the glove 

box for storage. The reservoir (after baking and pumping to remove excess 
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water) was loaded with solvent. Anhydrous pure LiCI was placed in the 

reservoir to give a 0.1 M solution. The reservoir was sealed and removed from 

the glove box for S02 treatment. Anhydrous S02 (Matheson) was passed 

through a phosphoric anhydride trap and a filter (as above) prior to being 

bubbled through solution. A 1/4 in. stainless steel tube led from the filter. A 

seal was made between tubing and connector on the reservoir using a viton 

o-ring. The atmosphere exposed region between the trap and the reservoir 

was carefully purged by overpressurizing with S02' The other end of the 

reservoir was connected to a UHP nitrogen manifold (with oil bubbler) and 

purged repeatedly. Sulfur dioxide was bubbled through the solution by 

opening both stopcocks. The solution was bubbled for a 15 minute period, 

sealed and connected to the thistle tube. The lower chamber was then 

pumped for a 1 to 2 hour period. This process was repeated daily with the 

reservoir stored in the glove box overnight. The thistle tube bulb holds ca. 20 

ml of electrolyte. The reservoir holds 400 to 450 ml of electrolyte. This allows 

for repeated experimental runs without having to replace the electrolyte. A" of 

the data presented in this dissertation was generated on two batches of 

electrolyte. 

The selection of a reference electrode was based on considerations of 

stability and electrolyte compatibility. In addition, it needed to be a "dry" 

electrode for vacuum compatibility. A AgCIOiAg wire reference was selected. 

A length of coiled silver wire was anodized with a 9 V transistor battery in a 

saturated AgCI04/CH3CN solution. This was conducted within the glove box 

using distilled acetonitrile (as described above). The AgCI04 was dried by 
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azeotropically distilling with dried benzene under UHP nitrogen. The salt was 

precipitated within the glove box with addition of pentane (distilled from a Na/K 

alloy). The precipitate was filtered and transferred to a vacuum dessicator. 

The dessicator was removed from the glove box and evacuated using a N2(1) 

trapped mechanical pump for a 14 hour period. The dried salt was then 

returned to the glove box. The reference electrode was the last to be mounted 

to minimize contamination. Once placed in the system, the electrochemical 

chamber was never exposed to atmosphere unless overpressurized with argon. 

Cyclic voltammetric and galvanostatic step experiments were conducted 

to evaluate the lithium film in this S02"CHaCN system. Potential sweep control 

was supplied by a PAR 174 potentiostat with voltage offset measure with a pH 

meter operated as a voltmeter. A Houston Omnigraphic XV recorder was used 

for current-potential display. Galvanostatic steps were applied by an ECO 551 

galvanostat and working electrode VS. reference electrode voltage transients 

were recorded photographically off of a Tektronix 5111 oscilloscope with a 

5A22N differential amplifier. The bulk of the experiments centered around the 

galvanostatic step technique. The first few experiments indicated that the 104 

A lithium films being generated were capable of undergoing extensive reaction 

at the back interface with past surface product layers. This phenomenon 

manifest itself in significant decreases in open circuit voltage values. Rather 

than deposit increasingly thicker films, it was decided to replace the electrode 

after each run. Four nickel buttons were used in a rotation pattern. Each 

button was rinsed several times in distilled water followed by sonication in triply 

distilled water for ca. one hour. These electrodes were allowed to air dry prior 
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to use. No further problems were encountered after implementing this 

approach. Routinely, half hour pump periods were required prior to sealing the 

upper chamber for transfer of the electrode in and out of the deposition 

chamber. Deposition base pressures were maintained in the 10-9 torr range 

with pressures as high as 1 x1 0-5 torr during transfers. The lithium source was 

isolated (as previously described) during these transfer and during post

deposition reaction of the film. Deposition base pressures were maintained in 

the mid 10-8 torr region. Deposition was limited to one every 2 to 3 hours due 

to the pumping limitation on the electrochemical chamber. To minimize 

saturation of the sorption pump, a dual stage rotary vane pump with molecular 

sieve and N2(1) foreline traps was employed as the first stage of rough 

pumping. After deposition, the source was retracted and sealed, and transfer 

of the electrode back to the electrochemical chamber was initiated. To optimize 

reproducibility, the electrode had to be handled identically after deposition and 

post-reaction. This is because surface reaction with trace gases in the 

electrochemical chamber occur the moment these two chambers are open to 

one another. In addition, part per million contaminants in UHP argon are at 

appreciable levels when the partial pressure of argon is at an atmosphere. 

Finally, the electrode is forced to see the electrolyte prior to immersion and this 

becomes a third source of surface reactions. In response to this, a 

experimental protocol was set up and followed for every experiment. 
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2.6 Quartz Crystal Microgravimetry 

Quartz crystal micrograviometric measurements were conducted to 

explore the extent and stoichiometry of the Li/02 reaction. The experimental 

set-up has been described by Burrell [107]. 10 MHz AT-cut quartz crystals (P. 

R. Hoffman, Carlisle, PA) were coated with 3/16" diameter Ni electrodes at 3000 

A thick using a sputter magnetron source. Ni was chosen to eliminate low 

temperature alloying between lithium and the substrate. The crystals (1/4" dia.) 

were positioned on a water cooled mount with a mask to ensure U deposition 

only on the electrode. This mount was positioned directly above the U source 

in the deposition chamber. The oscillator circuit used to measure the crystal 

oscillation is based on a Motorola MC12061 P device. Data acquisition was 

conducted with a LS111/23 microcomputer (DEC) using a DRV11-SJ parallel 

port interface. Acquisition and manipulation software was written in CONVERS 

[108]. Source temperatures did not interfere with crystal operation allowing real 

time monitoring of lithium deposition. The principles of QCM operation and 

detection have been reviewed extensively [109]. Calculation of the crystal 

constant yields a conversion factor of 0.83 A/Hz for a metallic lithium film. 
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CHAPTER 3 

REACTIONS OF LITHIUM SURFACES WITH OXYGEN AND WATER 

Molecular oxygen and water represent two common contaminants 

present in the processing stage of a lithium anode. These are strong oxidants 

as is indicated by the instability of lithium in atmosphere. They react directly, 

forming thick product layers, and assist in the reaction of other atmospheric 

components with the surface (Le., nitrogen). A first step in understanding the 

composition of the anode interface and its resulting characteristics in complex 

electrochemical systems involves exploring the activity of these common 

oxidants. As indicated in Chapter 1, some work [96, 97, 110, 111] has been 

conducted with these reactants at low exposure levels in vacuum (Le., 0 to 100 

L). This chapter presents the results of exposures of lithium from sub-Langmuir 

levels at low pressures to atmospheric pressures of oxygen and water. Product 

formation as a function of partial pressure and the projected product film 

thickness is discussed. Data demonstrating the ability to generate and maintain 

clean Li surfaces is presented. The stability of the lithium/product interface is 

also discussed. The picture that emerges from these studies is the near-liquid 

nature of a lithium surface in the presence of a strong oxidant. The role of 

sodium as a contaminant in battery-grade lithium is also explored. The results 

presented in this chapter serve as a foundation for electrochemical studies of 

the lithium anode in a modeled battery environment (Chapter 6). 
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3.1 Spectroscopic Response of Clean Lithium Surfaces 

Uthium has only one core-level orbital from which photoelectron emission 

can occur because of its simple atomic structure. Electrons ejected from this 

1 s orbital retain a large percentage of the incident x-ray photon energy due to 

the proximity of the orbital energy to the vacuum reference level. This results 

in a rather simple x-ray photoelectron (XPS) spectrum (compared to higher z 

value metals) containing a parent 1 s transition with associated features at low 

binding energies (BE, the x-ray source independent energy index). Valence 

band photoelectron emission (the basis for Ultraviolet Photoelectron 

Spectroscopy) occurs from the Li (2s) orbitals but is ineffectively probed with 

the energetically broad x-ray sources. A series of x-ray induced Li (KW) Auger 

transitions (the basis for Auger Electron Spectroscopy) occur at very low kinetic 

energies (KE) with low intensities, positioned on the secondary electron 

cascade. Photoelectron and electron spectroscopic techniques have been 

reviewed extensively [112-114]. It is the Li (1s) transition which is the most 

efficient probe of the condition of a lithium surface. 

A significant amount of information is contained within the U. (1 s) spectral 

region. A scan of the Li (1 s) region of a clean evaporated lithium film using a 

290 W Mg (Ka) source at moderate spectrometer resolution (50 eV pass 

energy) is shown in Fig. 3.1 (a). The substrate for the Li film was a sputtered, 

polycrystalline nickel foil. The parent 1s transition occurs at 54.7 eV (referenced 

to the Au 4f7/2 transition at 83.8 eV) induced by Ka1,2 x-rays. Features at BE 

values greater than that of the parent peak are due to 1 s electrons which have 
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Figure 3.1 XPS (a) and EELS (b) spectra of an evaporated lithium film 
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undergone energy loss processes prior to exiting the solid. Satellites induced 

by Ka3,4 x-rays and displaced lower in binding energy have similar loss peaks 

which overlap with the U (1s), contribute to the intensity of the 1s parent peak, 

and must be subtracted alit when conducting lineshape analysis or quantitation. 

Additional intensity in the low BE region is contributed by less intense, further 

offset, satellite peaks, and valence band photoelectrons having undergone 

multiple losses in the solid. The photoelectric cross-section for the 1 s transition 

is extremely small (ca. 1/50 that of the 0 (1 s)) [115] which results in low 

intensities and often poor signal-to-noise ratio spectra. Inelastic mean free 

paths (IMFP, the average distance an electron can travel prior to undergoing 

energy loss) scale with the square root of kinetic energy [104]. This allows for 

a greater matrix dependent sampling depth for lithium. According to the 

method of Penn [116], this value is ca. 100 A (ca. 3 times the IMFP) for 1200 

eV electrons in a lithium matrix. 

The energy loss region for the U (1 s) transition contains contributions 

from a variety bf processes. The most readily discernable are the bulk and 

surface plasmon losses characteristic of a "free electron" metal. These losses 

are due to excitation of conduction band electrons which are localized in the 

bulk or at the surface [117] as ionization of the Li (1s) level occurs or as 

electrons pass through the metal. Those energy losses which occur as a result 

of an ionization event are intrinsic losses, and those which occur independent 

of ionization are extrinsic losses. One way of modelling the extrinsic processes 

is to reflect a near monoenergetic beam of electrons off the surface at a kinetic 

energy close to that of the photoelectrons being emitted. Those electrons 



92 

which penetrate the solid and make it back out will undergo extrinsic energy 

losses similar to those experienced by the photoelectrons. An electron energy 

loss (EELS) spectrum of a clean, evaporated lithium surface is shown in Fig. 

3.1 (b). Comparison of the two spectra indicate that the major features in the 

loss region of the XPS spectrum are accounted for by the EELS spectrum. 

Four extrinsic energy loss peaks are present at 7.4, 14.8, 22.2 and 29.6 eV. 

These are the result of bulk plasmon losses and occur at integral energy 

spacings with decreasing intensity. The first peak positioned at 4.6 eV is the 

result of a surface plasmon loss .and is predicted to occur at wpf21/2, where 

wp corresponds to the first bulk plasmon energy. In this case the ratio of the 

energies yields 1.6 instead of the expected 1.4, but this lies within the 

experimentally accepted range [118-120]. The surface plasmon intensity also 

displays this damped harmonic behavior but additional peaks are too low in 

intensity to be detected. The surface plasmon appears accentuated in the 

EELS spectrum because those electrons reflected off the surface can lose 

energy on both incoming and outgoing trajectories. This effect is more visible 

when comparing the EELS spectra of an evaporated film and an abraded foil 

as shown in Fig. 3.2(a} and 3.2(b} respectively. The abraded foil has a greater 

sampled surface area/sampled bulk volume ratio giving a greater relative 

surface plasmon contribution. Intrinsic plasmons and additional intrinsic losses 

are not incorporated in the EELS spectrum. This is an important fact when 

conSidering the alkali metals because intrinsic plasmon contribution has been 

estimated to be as high as 50% of the total spectral intensity [121]. 
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The intrinsic energy loss phenomena are of more immediate interest 

when considering quantitation of Li (1 s) peak areas. This is because 

photoelectrons undergoing intrinsic losses not accounted for in the transition 

model lineshape will be interpreted in terms of lower atomic concentration, or 

in the worst case, will be attributed to some other transition. The Li (1 s) 

spectral envelope for the pure metal shows an exponential tailing toward its 

high BE side. This is due to core-hole screening upon ionization where the 

final state energy of the ion may be determined by an infinite number of states 

within the conduction band of the metal. This has been described by Ooniach 

and Sunjic, Wertheim, Steiner, Hoscht, and others [121-123]. Maschhoff [124] 

has implemented an approach to determining the fundamental lineshape based 

on these ideas by convolving the asymmetric Oonaic-Sunjic (OS) lineshape with 

a Gaussian function to simulate source and analyzer broadening. This 

approach has been used to fit the high resolution Li (1 s) envelope displayed 

in Fig. 3.3(a). The envelope is characterized by a Gaussian broadened 

Lorentzian lineshape with an asymmetric exponential decay toward high BE. 

It is also noteworthy to point out that nonlinear background subtraction (an 

integral or sigmoid-shaped function) [125] is conducted simultaneously as a 

part of the iterative fitting process. The spectrum shown has been truncated 

because of a rise in the background due to plasmon loss intensity which is not 

taken into account in this model. Peak areas may be estimated by extending 

the exponential tail linearly to zero intensity and integrating from this energy to 

the low BE threshold of the 1 s envelope. This value clearly does not take into 

account the intrinsic plasmon losses discussed previously but remains 
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Figure 3.3 Fitted results of the metallic Li (1 s) envelope considering core-hole 
screening: (a) clean metal surface; (b) after 6 L 02 exposure 



96 

proportional to the Li atomic concentration. As will be shown, the primary 

advantage to this approach is the ability to distinguish between spectral 

intensity due to the original metal and that due to a lithium surface product. 

As described in Chapter 2, the bulk of the experimental work has been 

conducted on abraded lithium surfaces. The spectroscopic response of these 

surfaces must be characterized and compared with that of evaporated films. 

The primary difference between these two matrices is the presence of sodium 

as a contaminant in the abraded lithium. Sodium has three core-level 

transitions: a 1 s transition at 1071.7 eV, a 2s transition at 63.4 eV and a 2p 

transition at 30.5 eV (resolution of spin-orbit splitting is difficult in the latter 

case). In addition, an x-ray induced KLL Auger series occurs ranging from 940 

to 1010 eV (KE). The Na (2s) transition falls within the energy loss region of 

the Li (is) spectrum at an energy 1.2 eV higher in BE than the first bulk 

plasmon peak. This is shown in Fig. 3.4 where comparison is made of an 

evaporated lithium film (a) and an abraded lithium foil (b). These spectra were 

collected at high resolution (20 eV pass energy) with a Mg (Ka) source. The 

Na (2s) contribution is visible but small. Sodium is present in the foil at less 

than 0.1 %. The cross-section for the Na (2s) transition is an order of 

magnitude greater than the Li (1 s) transition. Assuming that peak intensities 

reasonably reflect concentration, this should give an intensity ratio of 100: 1 in 

favor of lithium. This is clearly not the case. The most likely explanation of this 

is that Na core level electrons undergo a smaller extent of intrinsic loss within 

the host lithium matrix. The net effect is that the Na transition spectral 

envelopes contain a greater percentage of the intrinsic intensity than its Li (1 s) 
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counterpart. Examination of the Na (1 s) spectra shown in Fig. 3.5 support this 

idea. The overall contribution of the background relative to the 1 s envelope is 

smaller here than for the Li (1 s) transition. 

The concept of a clean surface is relative and depends on the quality of 

the vacuum environment in which it is contained. The problem of surface 

contamination is compounded for a reactive metal such as lithium. The validity 

of a study involving reactions at a clean surface is dependent on how clean a 

surface can be generated. The principle contaminants toward lithium within a 

vacuum system are water and carbon monoxide. Oxygen and carbon dioxide 

are also potential contaminants but are generally present at several orders of 

magnitude lower partial pressure. The source of water is the chamber wall, 

from which it slowly desorbs with time. Carbon monoxide is generally 

produced by hot filaments (Le., nude-ion-gauges, the x-ray anode, and 

quadrapole mass analyzers). If a clean surface is monitored over time, 

increases in the surface oxygen concentration are observed to far outweigh 

increases in carbon. This indicates that water is significantly more reactive and 

abundant than carbon monoxide. This difference in reactivity has been 

estimated by Hoenigman et a!. [97] and may be as large as an order of 

magnitude. 

The extent of surface contamination can be measured by monitoring this 

surface response to the vacuum environment over a period of time. Figure 

3.6(a) shows the surface oxygen response (0 (1 s) intenSity) for an evaporated 

film over a 2 hour period under constant x-ray source illumination. The data 

displayed are the integrated peak areas of 0 (1 s) transitions calibrated against 
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the reference uptake data presented in Section 3.3. The ordinate axis is given 

as percent product monolayer in terms of H20 exposure. The "clean" surface 

is characterized by 2% of an oxide monolayer (the product of the Li/H20 

reaction at low exposures). This is due to the finite time required to deposit 

and transport the film to the analysis chamber. Conducting controlled gas 

exposures to a surface involves creation of aperture in the vacuum system 

through which a constant delivery rate of a dosant may pass. This condition 

cannot be created instantaneously and the surface must be exposed to the 

local vacuum environment for a greater period of time. The surface can react 

with contaminants within the system as well as the intended oxidant during the 

exposure time period. This effect is shown in Fig. 3.6(b) for a Li foil exposed 

to the deposition/reaction chamber environment for 300 sec (typical exposure 

time) after abrasion. The observed value of ca. 5% of a monolayer represents 

a typical starting condition for the following experiments described in this 

dissertation. This value is dependent on the quality of the vacuum environment 

and does vary. 

The validity of a clean surface approximation is also dependent on the 

ability to maintain this condition over the required analysis period. Figure 3.6(a) 

shows the surface oxygen response versus time under constant x-ray source 

illumination. This trace shows linear growth in the oxygen signal from 1000 to 

6000 seconds indicating a constant rate of product formation. The fact that the 

response with time is less than that for trace (b) for the first 300 seconds is the 

result in differences in chamber base pressures. At submonolayer coverages, 

a reaction is controlled by the rate of delivery of a reactant molecules to the 
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102 

surface (collisional frequency is proportional to pressure) and the probability 

that a collision will yield a product species. This probability is referred to as the 

sticking coefficient. Using kinetic molecular theory, a monolayer of product will 

result for a sticking coefficient of 1 (100%) at 1 x1 0-6 torr in 1 second for a 

nominal molecular weight species at room temperature. This simplified model 

would yield a sticking coefficient of H20 on lithium (for the first monolayer) at 

room temperature of 0.1, based on the results of Section 3.3. Assuming 

continued linear growth at the surface in the reaction chamber, surface (b) 

should reach the monolayer condition at ca. 6000 seconds. The partial 

pressure of water would be 1.7x10-9 torr, correlating well with the observed 

system base pressure of less than 3x10-9 torr during the experiment. The 

analysis chamber base pressure was recorded at less than 2x10-10 torr. 

Assuming a similar fraction of this value constitutes the partial pressure of 

water, a ratio of the slopes of these two curves should be greater than 15. 

Surface (a) should reach the monolayer condition in ca. 9x104 seconds. The 

ratio of slope is actually 11 and extrapolation of line segment (a) to 100% of a 

monolayer gives a time of ca. 6. 7x1 04 seconds. This discrepancy is coupled 

with a discontinuity in trace (a), where at short times (< 1000 sec) where the 

rate of uptake of oxygen is significantly lower. This is the result of thermal 

activation of the surface due to x-ray source heating. The sticking coefficient 

has increased by a factor of ca. 1.4 and surface oxygen uptake is accelerated. 

Analysis periods rarely exceeded 30 minutes in these experiments, so this effect 

has been minimized for experiments to be described here. This effect does 
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demonstrate the unique properties of lithium and raises serious questions 

~oncerning the stability of metal/product interfaces. 

3.2 Reaction of Clean Lithium With Oxygen 

As a clean metal surface is exposed to an oxidant a product layer forms 

at the surface. Product spectral features grow in and displace the original 

metal features. Photoelectron transmission through this product layer has an 

inherent sampling depth limit, past which the metal signal can no longer be 

detected. Additional core-level transitions appear due to incorporation of atoms 

from the oxidant within the product layer. Changes in the U (1 s) spectra as a 

result of exposures to 6, 10 and 100 L of 02 are shown in Fig. 3.7. This data 

was collected with a 290 W Mg (Ka) source at moderate spectrometer 

resolution. A variety of changes occur in the 1 s lineshape as exposure is 

initiated and increased relative to the clean surface spectra of Fig. 3.1 (a). The 

parent 1 s envelope broadens and decreases in intensity in the 6 and 10 L 

spectra. At 100 L, the envelope has narrowed and undergone a considerable 

increase in intensity over that seen for the original clean surface. The inset to 

Fig 3.7 shows the Li (1s) transition collected at higher resolution (20 eV vs. 50 

eV pass energy). Two transitions are visible representing the original metal and 

the oxidized product, having undergone an oxidative shift to higher BE. Fitting 

the metal transition with the approach outlined in Section 3.1, and the product 

U+(1s) transition with a Gaussian broadened Lorentzian, yields the result of Fig. 

3.3(b). The magnitude of this oxidative shift is 1.3 eV. The total area of these 
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Figure 3.7 U (15) spectra with exposure to 02 
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two peaks is greater than that of the original metallic Li (1 s) transition. No 

further changes in the full Li (1 s) spectral region are visible beyond 100 L. 

The apparent increase in intensity of the Li (1s) envelope on passing 

from the metal to the oxide is the result of a change in energy loss 

mechanisms in the near surface region. With initial exposure, the intrinsic 

plasmon loss features and overall background intensity decrease dramatically. 

This is due to the fact that less metal is being directly sampled in the XPS 

experiment. The oxide product layer does not produce a similar set of energy 

loss proc~sses as evidenced by the different spectral profile of this region. The 

energy loss region for Li (1 s) in the surface oxide is characterized by a set of 

three loss peaks centered at 71, 78, and 92 eV. The same features show up 

in the 0 (1s) loss region. EELS data collected with water exposures 

(discussed at length in Section 3.3) indicate the presence of these peaks at 

submonolayer oxide coverages. The broadened background observed for 6 

and 10 L exposures is a result of U (1 s) electrons passing through this surface 

product and undergoing additional energy losses due to the oxide. This has 

the effect of further broadening the original plasmon loss features. The 

probability of energy loss has been reduced as shown by a reduced ratio of 

background intensity to that of the parent transition. That percentage of 

photoelectrons which would undergo intrinsic plasmon loss in the metal are 

now incorporated within the oxide Li (1 s) envelope. To the extent that this 

fraction of the original pure metal signal was not accounted for, this appears 

as an increase in the lithium signal. Changes in atomic Li concentration and 

scattering cross-section also play a role in this signal increase. A ratio of the 
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Li (1 s) envelope peak area for a 100 L exposure to 02' to that of a clean 

surface, gives a value of 1.8. 

The surface condition may also be probed by monitoring the ° (1s) 

transition as a function of 02 exposure. Figure 3.8 shows a series of ° (1s) 

spectra collected for 5, 10, 100, and 1000 L of 02' The 0 (1s) transition is 

centered at 530.92 ± 0.08 eV (similarly referenced to Au). This gives a 

separation of 475.1 ± 0.1 eV between the U+ (1 s) and the 0 (1 s) peaks. The 

features at ca. 522 eV are the Ka3,4 satellites of the 0 (1s). The energy loss 

region matches that of the U (1 s) region at high O2 exposures with minor 

differences due to the difference in primary energy of the electrons undergoing 

the energy losses. The 0 (1s) has a complex lineshape which makes curve 

fitting difficult. The transition is asymmetric toward higher BE values. This 

feature is not due to an intrinsic loss or to excitation induced by transmitted 

electrons because it is not observed in the EELS spectra for these surfaces. 

The source of this feature does not appear to be due to another form of 

oxygen on the surface because attempts to fit it with an approximate hydroxide 

(the most likely contaminant) lineshape gives poor results. In an effort to 

compensate for this complex lineshape, a broad asymmetric Gaussian peak 

was used to approximate this feature for the pure oxide product-layer on the 

lithium surface. The results of an approximate fit are displayed in Fig. 3.9. This 

same technique has been employed for other systems (Le., H20 and S02) 

where this feature overlaps transitions due to additional discrete forms of 

surface oxygen. To adequately evaluate the ° (1 s) peak area this additional 
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feature which makes the ° (1 s) line shape asymmetric must be taken into 

consideration. 

The ° (1s) peak area may be calculated and displayed as a function of 

02 exposure to yield a product formation curve. The peak area is determined 

by calculating areas of asymmetric Gaussian envelopes used to approximate 

the transition lineshape. The results for the u/02 system are shown in Fig. 3.10 

and 3.11 for the low and high regions of 02 exposure. The low exposure 

region. extending up to 20 L. shows a near linear region of oxide formation with 

a significant slope change at 6.5 L. Beyond this point. a second near linear 

region extends to ca. 20 L. The point of inflection is indicative of a decrease 

in the ease with which the surface oxide may form. This point should occur 

when the reaction sites become limited at the surface and/or when the 

chemisorption mechanism changes consistent with the formation of a monolayer 

of surface product. The accuracy of the concept of the formation of a well

defined monolayer at the interface of a near-liquid metal like lithium depends 

on how the product is incorporated at the interface. The exposure value for 

monolayer formation agrees closely with those reported for 02 reaction on Li 

by McLean et al. and Hoenigman et a!. [96. 97]. If the absolute peak area at 

this point is used to calibrate the ordinate axis in terms of fractional monolayer 

coverage (only prior to the break point). the initial surface can be characterized 

as containing less than 10% of an oxide monolayer. The initial cleanliness of 

the surface is dependent on the vacuum system condition. This value 

represents the maximum contamination value observed. As was discussed in 

Section 3.1. it is possible to generate 5-fold less contaminated surfaces. 
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The degree of interaction between molecular oxygen and a lithium 

surface can be estimated from the product formation curve of Fig. 3.10. A 

sticking coefficient (s) can be defined as the probability a molecule-surface 

collision will yield an adsorptive or reactive event [126]. Estimation of the s 

value is usually made by assuming the capacity of the surface is determined 

by 1015 adsorptive or reactive sites/cm2 and that the rate of delivery of the 

reagent gas (flux) is 1015 molecules/cm2 • sec at a partial pressure of 1 x 1 0-6 

torr. In comparing the reactivity of a variety of oxidants at a metal surface, 

differences in surface capacity and molecular flux must be taken into account. 

The capacity of a surface is a function of the product monolayer structure. 

Studies conducted on several alkali and alkaline earth metals [127-129] indicate 

that dissociative adsorption of 02 yiel?s incorporation of oxygen anions within 

the first metal atom layer. The Li atomic areal density becomes a poor 

approximation of surface capacity in light of the 4-fold increase in density which 

occurs in passing from the metal to crystalline Li20. A better approximation 

may involve the assumption that a crystalline oxide forms and that the surface 

capacity is given by the oxygen atomic areal density. This value is 1.2x1 015 

atoms/cm2 based on the density reported for Li20 [131]. The monolayer 

condition is obtained by monitoring the surface response to pressure. The flux 

is proportional to pressure and varies with MW-1/2 of the gas-phase reagent 

(assuming ideal gas behavior in this low pressure limit). The pressure required 

for a 1 second exposure to yield a total of 1.2x1 015 ° atoms/cm2 at the surface 

can be calculated from the Herz-Knudsen equation [132]: 

p = 1J [ 2·(.71}·MW·R·T ]1/2/No (3.1) 
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where ¢ is the flux of 02 and No is Avogadro's number. This calculation yields 

a value of 1.6x1 0.6 torr which corresponds to a monolayer formation exposure 

of 1.6 L with a unity sticking coefficient. Figure 3.10 gave monolayer formation 

at 6.5 L. Correction for initial surface oxygen yields a value of 7.2 L for an 

oxygen free surface. Comparison of the calculated and empirical exposure 

values results in a sticking coefficient of 0.22 for 02 at room temperature. This 

value is an estimate at best due to approximations of surface capacity (bulk 

crystalline oxide density) and molecular flux (surface normal trajectories at a 

rough surface). 

Continued 02 exposure leads to additional oxide formation. Figure 3.11 

shows the surface response to exposures in excess of 250 L. At exposures 

greater than 150 L, sampling depth limitations set in and the oxide curve 

reaches a maximum. The ordinate scale rapidly becomes nonlinear past the 

monolayer break point because of this limitation. This product formation curve 

behavior should not be confused with that of an isotherm. Isothermal behavior 

is dependent on the gas- and surface-phase species being in equilibrium, which 

clearly they are not in this case. In addition, the reactions that result are 

exothermic, with excess free energy dissipated in the near surface region. It 

is likely that near-surface temperatures are not constant. 

The interaction between lithium and oxygen is extensive at exposure 

levels beyond the XPS sampling depth limit. Optically refractive films form on 

lithium surfaces exposed to 3000 L of 02 (for 300 sec) indicating film 

thicknesses on the order of 103 A. High level exposures may be monitored 

with the use of a quartz crystal microbalance (as described in Section 2.6). 
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Figure 3.12(a-d) shows typical crystal responses for ca. 100, 300, 400, and 

1000 A U films exposed to 10-5 torr 02 over the designated time, respectively. 

Exposure is initiated at tj and ended once a stable minimum frequency value 

is obtained. If the total frequency shift due to oxygen uptake is measured at 

this plateau, and plotted as a function of the total frequency shift due to lithium 

deposition for a series of experiments, a linear plot results as shown in Fig. 

3.13. This linear relationship is indicative of exhaustive oxidation of the lithium 

layer. The slope of this plot is 1.09 ± 0.02 coming close to the expected 16/14 

(1.14) atomic mass ratio for stoichiometric Li20. The frequency shift due to 

lithium can be converted to layer thickness as described in Section 2.6. The 

conversion factor is 0.83. Calibration of the abscissa in terms of initial lithium 

film thickness places the maximum thickness at ca. 1600 A. This explains why 

refraction of visible wavelengths of light occurs on foils exposed to similar 

exposures of 02. 

High level 02 exposures of lithium approaching millitorr pressures of 

oxygen result in the formation of a sudace hydroxide species. The source of 

water is more than likely the IIpurell 02 itself. For 02 with 1 ppm H20, a 

millitorr 02 exposure gives a partial pressure of 10.9 torr for water. This value 

increases to 1 0.6 torr in H20 for an 02 pressure of 1 atm. The hydroxide ° 
(1 s) peak appears at 533.7 eV as will be discussed in Section 3.3. The 

hydroxide contribution may be reduced by trapping the 02 leak line with a dry 

ice/methanol bath, but not completely eliminated. The Li (1 s) responds to the 

presence of the hydroxide by broadening and shifting to a greater BE value of 

56.8 eV. This effect is shown in Fig. 3.14(a-c). The U (1s) spectra shown were 
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Figure 3.14 Effects of surtace OH- formation on the product Li (1s) lineshape: 
(a) 50%; (b) 75%; (c) 100% OH- contribution to total oxygen 
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collected from surface layers containing 50% (a), 75% (b) and ca. 100% (c) 

hydroxide-to-total-oxygen ratios. A gradual shift of 0.8 eV is visible with the 

increase in surface hydroxide contribution. The corresponding hydroxide ° (1 s) 

peaks have been fixed at 533.7 eV for this comparison. The energy separation 

between the U (1s) and the hydroxide ° (1s) is 476.8 eV, consistent (within 0.1 

eV) with the results observed from a LiOH standard. Peak area ratios for the 

Li (1 s) and ° (1 s) spectra at high 02 exposure levels, with no trace of 

hydroxide, but well into the bulk oxide growth layer, range from 2.6 to 3.0. The 

corrections applied to these ratios include estimates of photo-ionization 

cross-sections [115] and a KE1/2 dependence on escape depth [104]. These 

corrected O/Li values are appreciably greater than the anticipated 2: 1 ratio. 

3.3 Reactions of Clean Lithium With Water 

The initial products in the lithium/water surface reaction are similar to 
. 

those from oxygen exposures, which suggests that the spectroscopic response 

should be similar. The U (1 s) spectra for a surface exposed to 10, 20, and 100 

L of H20 are shown in Fig. 3.15 along with a clean surface for comparison. 

The same trend of initial Li (1 s) envelope broadening and overall intensity 

decrease is observed along with a 1.3 eV BE shift. Further increases in 1 s 

intensity are observed beyond 20 L and correlate with suppression of the 

energy loss features as was the case with 02 exposures. The inset to Fig. 3.15 

shows high resolution (20 eV pass energy) scans of the U (1 s) envelope at 10 

and 20 L exposures. Comparison of these spectra with those of the 02 system 
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Figure 3.15 Li (1 s) spectra with exposure to H20 
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indicate a lesser extent of oxidation at similar exposure conditions for H20. 

This might be expected based strictly on the number of equivalents of oxygen 

within these molecules. EELS data for 3, 11, and "3D L H20 exposures are 

presented in Fig. 3.16(b-d), respectively. A clean surface" spectrum is also 

included for comparison (a). The features at 71, 78, and 92 eV in the Li (1 s) 

energy loss region are accounted for by the features at 11, 18, and 32 eV in 

the EELS spectrum. Figure 3.17 gives a direct comparison of the 30 L H20 

exposure EELS spectrum (b) and the Li (1 s) energy loss region of a surface 

with a 3000 L H20 exposure (a). These are the same features visible as a 

result of the 02 reaction. These three energy loss peaks appear at 

sub-monolayer exposures. With increasing exposure, these features are further 

enhanced, eventually dwarfing the original plasmon-loss peaks. At 30 L, the 

original surface plasmon transition has shifted from 4.6 to 3.8 eV (loss energy) 

but is still present. This suggests that at these levels of oxide formation, a 

modified surface field still exists as a result of the bulk lithium underlayer. 

Analysis of the Li (1s) envelope yields additional information as to the 

extent of the surface reaction with water. Fitting of the composite metal/product 

spectral envelope as previously described allows separation of the pure metal 

versus the product contribution. Figure 3.18 shows a plot of the Lio(1 s) area 

as a function of H20 exposure. The plot shows a near-linear decrease in the 

signal up to exposures of ca. 10 L. Past this point, additional decrease in 

spectral intensity occurs at a slower rate. The 10 L point corresponds to the 

monolayer formation region. The degree of attenuation in the UO signal at this 

point or -In(NAo) is 0.33, where A is the integrated areas of the Li (1 s). This 
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Figure 3.17 Comparison of loss features: (a) EELS spectra for 30 L of H20; 
(b) U (15) loss region for 3000 L of H20 
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is equivalent to the value observed for the 02 system at 6 L. This indicates 

that a single product monolayer in these systems has a thickness equivalent 

to ca. 1/3 of the oxide IMFP. Metal underlayer contribution is still visible at 30 

and 60 L exposures. 

An effective way of monitoring the extent of surface oxidation involves 

measuring the ratio of oxidized lithium to the total lithium sampled in the U (1 s) 

peak (U+/Ut). This ratio may be calculated from the results discussed above. 

The value of doing this is apparent when comparing calculated results from 

those predicted from theory. A model function can be generated rather simply. 

The absolute signal strength of species i can be expressed as: 

s· = I . T . f . u· . A· . C· 
I I I I (3.2) 

where I, T, and f correspond to the incident photon flux, the analyzer 

transmission function and the analysis geometry, respectively. These are 

system parameters which can be made constant within an experiment. Cj and 

Uj are the emitter concentration and the photo-ionization cross-section of the 

emitter core level being sampled. Aj is the IMFP value for a photoelectron of 

given energy through the sampled matrix. The model applied in this case is 

that of an overlayer growing at the surface of the reactive substrate. The signal 

strength of species i within this overlayer as a function of layer thickness (x) 

can be described by: 

s· = A . A· . C· (1_e-xlA) 
I I I (3.3) 
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where the system dependent parameters have been grouped as a constant A 

and A = Aj. The cross-section term has also been placed within the constant 

because no change is expected in this value on going from the metal to an 

oxidized form. This expression states that the signal strength will asymptotically 

approach a maximum value observed for an infinitely thick layer analyzed under 

these same conditions. 

The other part of this ratio involves the signal derived from the metal 

underlayer upon which this product layer forms. The absolute signal strength 

of the metal is given by eqn. 3.1. The modification applied to describe the 

metal 0) as an underlying phase is an exponential decay: 

S. = A . A· . C .. e-x/).. 
J J J 

(3.4) 

where x and A correspond to the thickness and IMFP of the overlayer. Calcula

tion of the ratio of interest allows the constant terms to be dropped and 

appears as: 

(3.5) 
1 C (1 -XIX) 1 C ( -XIX) Aj j -e + Aj j e 

Simplification yields: 

Li+ 1 - e-x/A. 
= 

Lit -1-+-k-e-"O'lXl'>-X 
(3.6) 

where: 

(3.7) 

The exponent and k need to be evaluated prior to using this equation. 

---------------- -------~~==~ --~~-- -~~-
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The goal is to predict the ratio response as a function of exposure. To 

do this, k and the exponent xl). must be evaluated. This can be dorie by 

calculating IMFP values and U atomic concentrations. This method yields 

generally unsatisfactory results. Calculation of IMFP values in the oxide and the 

metal using the models of Seah et al. [104] and Penn [115] predict less severe 

attenuation of the UO (1 s) signal at a monolayer than observed. A similar 

observation has been made by Fuggle for 02 reacting at polycrystalline Mg 

surfaces [129]. An alternate approach involves the modification of eqn. 3.6. 

The constant k can also be evaluated without involving approximations in the 

IMFP values. This can be done by comparing the peak area of the U (1s) 

transition in the limiting cases of a clean metal surface and an infinitely thick 

(relative to the sampling depth) oxide prodl,lct layer. k was calculated as -0.44 

using a 100 L 02 exposure as the limiting oxide case. This. approach has the 

advantage of artificially correcting for the omission of intrinsic plasmon intensity 

in the metallic U (1s) case. If a nonempirical approach were followed, a 

correction factor would have to be applied to account for this contribution 

included in the oxide signal but excluded from the metal due to integration 

across the parent envelope alone. 

The results of this analysis are displayed in Fig. 3.19 as a function of 02 

and H20 exposure. The solid line represents the predicted response using 

eqn. 3.6. The two responses are similar with the exception of the 02 response 

being shifted to lower exposure values due to the apparent greater reactivity 

of 02 at the surface. Comparison between predicted and emperical responses 

can be made for a given oxidant demonstrating a close correspondence. An 
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appreciable nonlinear relationship between exposure and layer growth would 

result in a significant decrease in the ratio past a monolayer exposure and a 

much slower rate of increase with increasing exposure. Product layer 

thicknesses may be estimated by solving eqn. 3.6 for x and using a given 

Li+ /Lit at a particular exposure. At 60 L this yields a product layer of ca. 5 

monolayers. A true linear dependence of multilayer growth on exposure would 

yield a product layer closer to 6 monolayers at 60 L. This difference indicates 

that a change in surface energetics for multilayer oxidation has occurred relative 

to the monolayer case. 

Analysis of the surface oxygen spectra for the lithium/water system 

similarly indicates the initial formation of a surface oxide. 0 (1 s) spectra for 10, 

20, 100, and 1000 L H20 exposures are shown in Fig. 3.20. The 0 (1 s) 

transition shows a similar asymmetry at high BE values compared with the O2 

exposure case. Superimposed on this is a second transition which becomes 

more predominate at exposures above 100 L. This transition is centered at 

533.7 eV and corresponds to a surface hydroxide species. This gives a 2.8 eV 

energy separation between the oxide 0 (1s) and hydroxide 0 (1s). The effect 

of the hydroxide is to broaden the initial oxide loss features in the 0 (1 s) 

spectra as can be seen in the 1000 L case. Product formation curves are 

shown in Fig. 3.21 and 3.22 for the surface oxide and hydroxide. As observed 

for the Li (1 s) transition, regions of near-linear signal increase are seen 

separated by a transition region. The center of this slope change occurs at an 

exposure of 10 L. This value agrees well with those of McLean [96] a:~j 

Hoenigman et al. [97] for evaporated lithium films. Calibration of the ordinate 
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axis in terms of fractional oxide monolayer coverage yields a value of less than 

5% of a monolayer for the initial surface. This value does not take into account 

some initial surface hydroxide present because of unknown surface site 

requirements. Throughout this low exposure region this value ranges from 5% 

to 10% of the total surface oxygen. Incorporation of this correction has a 

negligible effect on the clean surface value. It is important to note that 

hydroxide is apparently stable at low levels on the partially oxidized lithium 

surface at room temperature. 

A sticking coefficient for water at a lithium surface can be estimated 

based on the method presented in Section 3.2. The monolayer surface 

configuration can be assumed to be the same as that for 02 exposures due 

to predominant oxide formation. The fact that 7% of the total oxygen signal is 

actually due to hydroxide will result in a slight overestimation in the s value. 

The required flux for monolayer formation is 1.2x1 015 molecules/ sec'cm2 or an 

exposure of 2.5 L. Monolayer formation is observed at an exposure of 10 L for 

a surface with a 5% initial oxide monolayer. An exposure of 10.5 L would be 

required for an atomically clean surface yielding a sticking coefficient of 0.23 for 

H ... O on lithium at room temperature. The same concerns in the estimation of 
'" 

this value exist as with that for 02' However, this has no bearing on a 

comparison of these values for 02 and H20 because of similar monolayer 

configuration and initial surface. These results demonstrate near-equivalent 

reactivity of these two gas-phase oxidants at a clean lithium surface at room 

temperature. 
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Surface product formation slows down with increasing exposure. Figure 

3.22 shows the surface oxygen distribution up to 300 L exposures of H20. 

Both the oxide and hydroxide curves show a significant slope change in the 30 

to 50 L region. This is followed by a plateau region for the oxide curve while 

the hydroxide signal continues to increase at a diminished rate. (The total 

oxygen signal is less than 80% that observed for the maximum oxygen signals 

for 02-generated films.) Figure 3.23 demonstrates that additional increases in 

surface oxygen can be obtained at higher partial pressures of H20. The two 

° (1s) peak areas have been plotted up to ca. 5000 L exposures (constant 

time). The hydroxide signal undergoes a period of accelerated intensity 

increase up to 1000 L. The oxide intensity decreases over this region but not 

to the extent of the hydroxide increase. These changes begin to tail off above 

2000 L. These product layers retain a significant spectral contribution from the 

oxide. Exposures of lithium at H20 pressures of 0.1 millitorr give predominantly 

hydroxylated surfaces with only trace levels of oxide initially visible. 

The surface chemistry taking place with the exposure of lithium to water 

may be summarized in the following manner. The initial reaction results in 

dissociative adsorption: 

(1 ) 

The net free energy of this process depends on the fate of hydrogen. The 

formation of lithium hydride is possible considering its thermodynamic stability 

(see Table 3.1), but unlikely given the potential for hydrolysis (L\Go = -34.1 

kcal/mole): 
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Table 3.1 

Standard Thermodynamic Constants for Select Lithium Compounds and 
Oxidants [131J 

~So(cal/mole deg) 

H2O(g) -54.6 -57.8 45.1 

li20 -134.3 -143.1 9.06 

liOH -105.1 -116.6 10.23 

liH -16.4 -21.7 4.79 

li20 2 -136.5 -151.2 13.5 

li2C03 -37.1 -47.5 9 

li2C2 -13.4 -14.2 14· 

liCI -91.79 -97.58 14.17 
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(2) 

In addition, there is no significant discrepancy between the U+ lOt ratios or the 

U+(1s) lineshape for the 02 and H20 systems to indicate the presence of the 

hydride at submonolayer exposures. Hydroxide produced in this manner is 

then susceptible to further reduction by lithium: 

(3) 

This reaction scheme assumes molecular hydrogen evolution from the surface. 

Hydrogen may become solvated within the bulk alkali metal as has been 

observed for a variety of metals [131]. A competing reaction involves the 

hydrolysis of existing oxide sites: 

(4) 

This reaction has a net free energy of -21.3 kcallmole compared to -79.7 kcall 

mole for the initial formation of oxide and hydrogen. This reaction provides a 

parallel path for the chemisorption of oxygen. This reaction also allows for a 

greater surface concentration of oxygen assuming direct titration of oxide sites 

with minimal surface reconstruction. Comparison of the rate of total oxygen 

signal increase after and prior to monolayer oxide formation for H20 and 02 

yields ratios of 0.65 and 0.48, respectively. This difference is most likely the 

result of this parallel mechanism for surface oxygen addition in the case of 

water. 
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Surface oxide hydrolysis also represents a chemical limitation to 

continued oxide growth. The product formation curves of F~g. 3.22 show an 

abrupt limit to oxygen uptake at ca. 60 L. The hydroxide signal is less than 

50% that of the monolayer oxide Signal within this transition region, indicating 

the presence of a partial hydroxide overlayer. As will be discussed shortly, 

hydroxide is unstable at the surface and is further reduced to oxide with the 

movement of lithium through the oxide underlayer. The values of Fig. 3.22 

represent the remnants of an original hydroxide overlayer. The results shown 

in Fig. 3.23 indicate that several layers of hydroxide can form at the surface. 

The significance of this transition region found at 60 L may correlate with 

changes in the surface electronic environment. The EELS data of Fig. 3.16 

shows a severe attenuation and shift in the surface plasmon loss feature at 30 

L. This suggests that an incoming water molecule ''feels'' the active metal 

underlayer to a greatly diminished extent. This surface condition may correlate 

with a limit to electron tunnelling. In the absence of direct dissociation of the 

water molecule, the activation energies for oxide hydrolysis and "lithium mobility 

toward the reaction interface control further oxide growth. It is clear that lithium 

mobility represents the rate-limiting step in this process at higher partial 

pressures of water. 

The hydroxide product formed under these short-term exposures (300 

sec) is unstable. The hydroxide signal decays exponentially with time with a 

corresponding increase in the oxide signal. This process is shown in Fig. 3.24 

where a surface exposed to 15,000 L of H20 is monitored (continuous x-ray 

source illumination) as a function of time. The surface oxide and hydroxide 0 
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(1 s) areas are plotted against time (with 0 seconds being the time for initiating 

analysis, ca. 120 sec after exposure). The tWo curves are approximately 

symmetric with a total loss of oxygen signal at less than 1 0%. This process 

has been examined for the range of pressures extending from 1 x1 0-6 to 1 x1 04 

torr for 20 minute to 2 hour periods. In all cases the total loss in oxygen Signal 

was less than 10%. The final oxide absolute area was approximately equal to 

the maximum values shown in Fig. 3.11. The final percentage contribution of 

hydroxide to the total surface oxygen ranged from 8% to 12% depending on 

the time period (lower values for longer times). A surface exposed to 60 L of 

H20 demonstrated less than 1 % change in the overall oxygen region with a 

final OH"IOt ratio of ca. 15% an hour after exposure and initial analysis. 

The effect of continuous x-ray source illumination was investigated by 

exposing two samples to the same level of H20, analyzing one continuously, 

and one every 300 seconds with the sample shielded during the remaining time 

« 30 sec required to scan the ° (1s) region), and comparing the results. 

These results are shown in Fig. 3.25. The surfaces do not show the same 

amount of initial hydroxide and oxide due to a finite transfer time and rapid 

signal changes (transfer times are typically 90 to 120 sec). At 20 minutes both 

samples show a similar amount of hydroxide. The continuously exposed 

sample started with a greater initial hydroxide signal and showed a slightly 

more rapid decay. Runs at varying pressure indicate that the initial hydroxide 

signal does not have a significant effect on decay rate. It can be safely 

assumed that the difference is due to the continuous exposure to the x-ray 

source. This may also explain the significantly lower hydroxide contribution 

"--"-----------------~-
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from these rate studies (the 60 L experiment was not carried out with 

continuous exposure). It is also clear that the source is not principally 

responsible for the conversion process which takes place. The fact that oxide 

areas never exceed the values given in the product formation curves suggest 

that the escape depth of the oxide is rapidly being approached in both cases. 

This is supported by final analysis of the U (1s) region for the 30,000 L H20 

exposure one hour after exposure, which shows no sign of metallic lithium. 

Surfaces exposed to an atmosphere of 02 which show significant surface 

hydroxide contributions show very slow rates of hydroxide/oxide interchange. 

Total losses in the hydroxide signal can be as small as 30% to 40% for an hour 

period of constant x-ray source exposure. No significant decrease in total 

surface oxygen is observed with the hydroxide contributing greater than 30% 

of the total signal. This contrasts with ca. 14% as shown in Fig. 3.24 for 20 

minutes for direct H20 exposures. This indicates that a thicker oxide 

underlayer limits lithium diffusion toward the surface. 

3.4 Further Details of the UthiumlWater Reaction 

Questions remain as to how water first interacts with a clean lithium 

surface. McLean et al. [96] have proposed that a surface water complex forms 

at room temperature, based on the results of UPS experiments. These results 

show a distinct difference between products formed at sub-monolayer 

conditions with 02 and H20. The XPS results presented so far, in conjunction 

with those of Hoenigman et al. [97], show no evidence for the intact water 
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molecule at the surface. An alternate approach to this study is to condense 

H20 on the lithium surface at low temperatures and monitor the surface 

products as the surface temperature is allowed to rise. Bonzel et al. [135] and 

Fuggle et al. [140] have applied this approach to the condensation of water on 

potassium and magnesium surfaces, respectively. Unfortunately, control of the 

surface temperature is difficult without precise thermostatic control and the 

means to accurately measure the temperature of the near surface region. As 

a result, the experimental protocol had to be adjusted around these limitations. 

Surface temperatures were approximated by sample stage temperatures. The 

surface was cooled on the analysis stage with a N2 (1) reservoir. Surface 

warming was initiated by slowing or stopping the flow of N2 (1) into the reservoir. 

Surface x-ray illumination was typically continuous with specific periods of 

sample shielding when analysis was not required. The x-ray source was 

assumed to have little chemical or thermal effect on the surface. The surface 

was first scraped clean and then cooled for a 30 minute period to reach a 

minimum temperature of -129° C. Water exposures were conducted in the 

analysis chamber and pressures were measured with a nude ion gauge with 

line-of-sight to the sample. 

The initial surface was characterized as containing less than 5% of a 

mixed oxide/hydroxide monolayer. Greater than 30% of the surface oxygen 

was in the hydroxide form. The Li (1s) spectrum collected for this surface is 

shown in Fig. 3.26(a). The surface was first exposed to 6 L of H20. An 

additional two-fold increase in the surface hydroxide Signal was observed with 

no change in the shape or intensity of the oxide transition. This exposure was 
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Figure 3.26 Low resolution Li (1 s) spectra with H:P condensation: (a) prior to 
exposure; (b) 60 L H20, -129°C, Immediately after exposure; 
(c) -129°C, 160 min [after warming to -84°C]; (d) 23°C, 350 min after 
exposure 
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followed by an additional 60 L of H20 which gave a 10-fold increase in the total 

oxygen signal. The 0 (1s) spectrum collected at high spectrometer resolution 

after this 60 L exposure is shown in Fig. 3.27(a). The spectrum shows 

predominantly a hydroxide transition at 533.7 eV with the original trace-level 

oxide transition. A third peak centered at 535.7 eV is visible which is due to 

condensed water. 

Evidence for this comes from the moderate and high resolution Li (1s) 

spectra shown in Fig. 3.26(b) and 3.28(a), respectively. Both spectra indicate 

that the surface is predominately comprised of metallic lithium. The total 

oxygen signal yields a higher surface oxygen concentration than explained by 

the oxidized lithium signal (2 vs. 0.45 monolayers). This is due to the greater 

O:Li ratio for the hydroxide and the presence of condensed water. The 

contribution of water is verified at higher temperatures where water reacts to 

form hydroxide and a 1:1 correlation exists for relative changes in the hydroxide 

o (1s) and oxidized Li (1s) peak areas. The high resolution spectra of Fig. 

3.28(a) show an additional transition displaced ca. 2 eV from the LiO(1 s) 

transition. This value is consistent with that observed for stable hydroxide 

layers grown on thick oxide layers, as discussed in Section 3.2. The stability 

in this case is imparted by the low surface temperatures. 

The surface products generated by a 60 L exposure of water at -129° 

C show a high degree of stability. The 0 (1 s) spectra collected over a two 

hour period at this temperature are shown in Fig. 3.27(a-c). The condensed 

water peak intensity decreases ca. 2% with a 10% increase in the hydroxide 

intensity over this period. The non-uniform change in H20 with respect to OH-

--------- ---
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Figure 3.27 High resolution 0 (1 s) spectra with H20 condensation: (a) 60 L 
H20, -129°C, immediately after exposure (b) -129°C, 60 min; 
(c) -129°C, 120 min after exposure 
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Figure 3.28 High resolution U (1 s) spectra with H20 condensation: (a) 60 L 
H20, -129°e, immediatelyafterexposure; (b) -129°e, 160 min [after 
warming to -84°C]; (c) -51°e, 255 min; (d) 3°e, 323 min after 
exposure 
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is most likely due to conversion of water to the hydroxide with condensation of 

additional water on the surface from the ambient vacuum environment. Evi

dence for this comes from visible increases in the surface water concentration 

as the sample was allowed to warm to -840 C over a ten minute period. The 

resulting 0 (1s) spectra are shown in Fig. 3.29(a-d). The source of the water 

was probably the sample stage itself. During this time, the system base 

pressure was observed to increase 1.5 orders of magnitude to a value of ca. 

1 x1 0-8 torr. Given this accelerated rate of reaction, the initial condition at -1290 

C may be thought of as demonstrating reasonable stability. 

Surface warming to -840 C resulted in complete conversion of condensed 

water to hydroxide. Ae-cooling the surface from -840 C to -1290 C over a 15 

minute period showed only a trace of condensed water remaining. The ° (1s) 

spectrum is shown in Fig. 3.3O(a). The corresponding U (1s) spectra collected 

at moderate and high spectrometer resolution are shown in Fig. 3.2S(c) and 

3.28(b). These spectra clearly show the hydroxide transition at 57.8 eV in good 

agreement with those discussed in Section 3.2. Surface warming also resulted 

in an increase of the surface oxygen Signal by a factor of 1.3. Initially, a SO L 

H20 exposure generated an approximate 3/2 ratio of hydroxide to condensed 

water. This water has been converted to hydroxide along with an additional 

amount which condensed and reacted during the warming period. This should 

result in a 3/2 x 1.3 or two-fold increase in the U+ (1 s) area. The fitted results 

of the Li (1 s) spectra shown in Fig. 3.28(a) and (b) are given in Fig. 3.31 (a) 

and (b). The product peak ratio is ca. 2.0 and the U (1s) and ° (1s) data are 

consistent with one another. 
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Figure 3.29 High resolution 0 (1s) sRectra after H20 condensation with 
surface warming: (a) -104°C, 135 min; (b) -97°C, 138 min; 
(c) -91 °C, 141 min; (d) -84°C, 145 min after exposure 
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Figure 3.30 High resolution 0 (15) spectra demonstrating OH- to 0 2- conversion: (a) -129°C. 160 min [after 
warming to -84°C]; (b) -51°C, 255 min; (c) -35°C, 270 min, (d) -32°C, 275 min; (e) -4°C, 301 min; 
(Q 3°C, 323 min after exposure [letter indices correspond to those of Fig. 3.32 where a is set to 
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Figure 3.31 Fitted U (1s) spectra with H20 condensation: (a) 60 L H20, -129°C, 
Immediately after exposure; (b) -129°C, 160 min [after warming to 
-84°C]; (c) 3°C, 323 min after exposure 
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As the surface was allowed to warm to room temperature, conversion of 

the hydroxide to oxide was observed. Figures 3.30(a-f) show the ° (1s) 

spectra collected over a 2 1/2 hour period in which the surface warmed from 

-129° C to _4° C. The areas of these two transitions are plotted as a function 

of time in Fig. 3.32 along with the temperature. The surface hydroxide appears 

to be stable until temperatures climb above -BOo C. This contrasts with con

densed water which underwent reduction at temperatures less than -104° C. 

Relatively rapid conversion of the hydroxide occurs from -BOo C to -40° Cover 

a period of ca. 70 minutes. The reaction rate slows around -40° C and even

tually the hydroxide signal limits after 90 minutes at a temperature of ca. 1 0° 

C.. At this stage, hydroxide accounts for ca. 20% of the total surface oxygen. 

Up to this point the surface oxygen concentration has remained constant. 

The results of Fig. 3.30 point out an additional anomaly not observed at 

room temperature. The energy separation of the hydroxide and oxide 

transitions is 3.0 eV. This contrasts with the value of 2.B eV observed for both 

moderate and high resolution spectra for room temperature exposures to H20. 

At times greater than 1BO minutes and temperatures approaching 25° C, further 

formation of surface oxide was observed. This is indicated in Fig. 3.32. With 

the addition of oxide, this value decreases to 2.B eV. This energy difference 

may be the result of a change in chemical environment. At low temperatures, 

the hydroxide is stable and most likely in a discrete hydroxide phase. With 

warming and conversion to the. oxide. the hydroxide species becomes 

surrounded by or incorporated into the oxide. As the chemical environment 

changes so do extra-atomic contributions to the core-level final state. 
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High resolution Li (1 s) spectra corresponding to the 0 (1 s) spectra of 

Fig. 3.30{b) and 3.30{f) are shown in Fig. 3.28{c) and 3.28{d), respectively. The 

conversion of hydroxide to oxide results in a loss of intensity at 57.0 eV and a 

build-up at 56.0 eV, consistent with the room temperature exposure results. At 

times greater than 3 hours and temperatures approaching room temperature 

further increases in the oxygen signal are observed due to reaction of the 

surface with residual water in the vacuum system. A U (1 s) spectrum collected 

at 3 hours is shown in Fig. 3.28{d). The Li+ (1 s) signal dominates the Li (1 s) 

region. This spectrum has been fitted and the result is displayed in Fig. 

3.31 (c). Comparison of the U+ peak areas (at constant surface oxygen) of 

case (b) (predominantly oxide) and case (c) (predominantly hydroxide), 

correcting the former for residual hydroxide and the latter for initial oxide, gives 

a ratio of 2.0. This is the expected stoichiometric relationship on conversion 

from the hydroxide to the oxide. 

3.5 Activity of Contaminant Sodium 

The role of sodium as a contaminant in lithium must be addressed if an 

understanding of the surface chemistry of battery-grade lithium in desired. As 

indicated, the lithium used in these studies contained less than 0.1 % sodium. 

Figure 3.33 shows the integrated Nao (1 s) peak area plotted as a function of 

water exposure. The Nao (1s) signal shows a near-linear region of decrease 

extending to an exposure of 10 L. The signal has decreased to less than 10% 

of the original value at an exposure of 60 L A ratio of the -In{A/AJ values for 
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the Nao (1 s) and UO(1 s} transitions (see Fig. 3.18) at 0 and 60 L yields a value 

of 2.6. Calculation of the (K/E) 1/2 ratio for these transitions also yields a value 

of 2.6. This correlation between degree of the attenuation and the anticipated 

IMFP energy dependence indicates no appreciable enrichment of sodium within 

the product surface layer. Sodium is most likely redispersed into the bulk metal 

underlayer at these low oxidant partial pressures. 

Umited sodium oxidation is observed at higher oxidant partial pressures. 

Oxide films generated by 3000 L O2 exposures (1 x1 0-5 torr) yield sodium sig

nals at 10% their original value. The resulting Na(1s} and Na(KLL} lineshapes 

show an oxidized sodium product transition displaced ca. 4.5 eV toward greater 

BE [136]. For both transactions, approximately 30% of the total signal is due 

to the oxidized product. The lithium product layer thickness exceeds the 

sampling depth at these exposure levels, indicating that sodium is incorporated 

within the product layer. This most likely involves sodium segregation with the 

lithium oxide/sodium metal interface characterized by an oxidized sodium 

product. The signal-to-noise ratio for these Na spectra is poor due to low 

concentration, and it is difficult to observe structure within their respective loss 

regions. The presence and position of bulk plasmon loss features may give an 

indication of the sodium metal cluster size produced by segregation. 

3.6 Summary 

Theil and Madey [137] have reviewed the surface spectroscopic studies 

of water at a variety of metal surfaces. In doing so, they have emphasized the 
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difficulty of assigning 0 (1 s) spectral features with specific molecular species. 

The O2 and H20 studies discussed within this chapter eliminate this ambiguity 

for the case of a polycry~talline lithium surface. The microgravimetric 

measurements of 02 reacting at evaporated lithium films have verified the 

formation of a stoichiometric oxide. In turn, these results identify the 0 (1 s) 

positioned at 530.9 eV as that due to the oxide. The conversion of secondary 

surface oxygen to oxide below room temperature under constant surface 

oxygen conditions gave a 1:1 correspondence between increases in U+(1s) 

signal with increases in oxide signal. This is verification that this secondary 

form of surface oxygen is in a 1:1 ratio with oxidized lithium and that the 0 (1 s) 

positioned at 534.8 eV is due to a surface hydroxide. A 1: 1 correlation also 

exists for the conversion of condensed water to hydroxide, identifying the 0 

(1s) positioned at 535.7 eV as that due to associatively adsorbed H20. The 

ability to conduct product identification is due to the reactivity of lithium and the 

relative stability of this product series. Looking forward to other alkali metals 

brings questions concerning more complex oxidation mechanisms and the 

relative stability of peroxo- and superoxo- species. 

Water has been found to dissociatively adsorb at a lithium surface at 

room temperature to form lithium oxide. This is in contrast to the conclusions 

drawn by McLean et al. [96] which invoke the formation of a surface/water 

complex monolayer. Differences in surface activity based on differences in 

surface morphology or initial cleanliness might be expected in the comparison 

of these two sets of experiments. Hoenigman et al. [97] have also found that 

oxide is the predominant product for evaporated films, eliminating concern for 
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surface roughness. The role of surface cleanliness is difficult to evaluate due 

to a lack of empirical characterization of the initial surface in the study by 

McLean. However, McLean has shown that pre-exposure of a surface with 3 

L of 02 followed by 15 L of H20 produces a significant amount of this 

proposed surface/water complex. This result demonstrates that initial oxide (the 

predominant contaminant) is not responsible for enhanced dissociation of water. 

The results of McLean may be better explained by the formation of a mixed 

oxide/hydroxide layer. Note that the sequential exposure of 02 and H20 (in 

either order) produced no distinct spectroscopic difference from the oxide, 

other than the appearance of the proposed water features. The implication is 

that UPS is insensitive to the differences between the oxide and hydroxide for 

an alkali metal. The work of Paul [138] and Stockbauer et al. [139] 

demonstrate that a surface hydroxide yields two intense emission bands corres

ponding to the 3a (bonding) and l.n (non-bonding) O-H molecular orbitals. The 

lineshapes observed by McLean could be explained by a superposition of these 

hydroxide features on the tail of the oxide 2p peak and the secondary cascade. 

The hydroxide contribution could be as small as 10% under these conditions, 

comparing favorably with the results presented in this dissertation. This 

interpretation is more in line with observations of water reacting at sodium, 

potassium, and magnesium films at low temperatures. It is noteworthy to point 

out that the XPS data of Fuggle et al. [140] for magnesium films duplicate the 

results reported for lithium in this dissertation. 
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Sulfur dioxide, thionyl chloride, and sulfuryl chloride represent liquid 

cathode reagents currently being used or investigated for use in high energy 

density battery applications. Because of their relatively high volatility, the anode 

surface interacts with each of these strong oxidants as a gas prior to immersion 

in the electrolyte. An understanding of the anode surface composition and its 

effect on electrochemical behavior begins at this stage. With this in mind, the 

reactions of S02 and S02CI2 with clean lithium surfaces ha~e been studied 

from sub-monolayer to millitorr and atmospheric pressure exposures. The 

results presented in Chapter 3 will serve conveniently as a surface oxide 

reference system and will aid in understanding the eventual fate of oxygen in 

these oxidant molecules at the lithium surface. A corresponding reference 

system for sulfur is the response of hydrogen sulfide. The results of 

sub-monolayer to millitorr pressure exposures of lithium to H2S are also 

included. Comparison is made between the reactivity between H20 and H2S 

and the resulting reactivity of oxide and sulfide surfaces. The implications of 

the presence of sulfide within the product layer are also discussed. 

It could be argued that the surface of importance is not the metallic 

surface but a pre-oxidized surface. This would be the result of exposure of the 
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anode to the ambient environment prior to cell fabrication. A more realistic 

approach may involve an investigation of the activity of a specific oxidant in the 

presence of a pre-oxidized surface layer. The activity of S02 has been studied 

after pre-exposure of lithium surfaces from sub-monolayer to atmospheric 

pressure exposures of 02' Alternate ways of generating these surfaces outside 

of UHV conditions and their general passivity to the ambient environment will 

be discussed. In an effort to correlate these gas phase results with those of 

the condensed phase environment of the electrolyte, the activity of immersed 

surfaces in S02-saturated solutions of acetonitrile have also been explored. 

These results will serve as the spectroscopic control for the electrochemical 

studies discussed in Chapter 6. 

4.1 Response to Hydrogen Sulfide 

The spectroscopic response of lithium exposed to hydrogen sulfide is 

similar to that observed for oxygen and water. Figure 4.1 shows the Li (1 s) 

transition collected with a 290 W Mg (Ka) source under moderate spectrometer 

resolution for 0, 14, 55, and 273 L H2S exposures. The U (1 s) parent envelope 

is attenuated and broadened to higher BE values with increasing exposure. 

Two discrete peaks are observed at 55 L separated by 1.68 ± 0.05 eV. This 

is shown in Fig. 4.2 for this same exposure under high resolution conditions. 

The fitted curves to the data shown are in accordance with the method 

described in Section 3.2. This energy separation is greater than the 1.3 eV 

observed for the surface oxide and less than the 2.1 eV observed for the bulk 
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Figure 4.2 Fitted high resolution U (1 s) spectra with 55 L H2S exposure 
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hydroxide. The loss region of the Li (1 s) is also attenuated with increasing 

exposure. Unlike the oxide, there are no discrete, narrow loss features which 

grow into the loss region with product layer growth. This allows for easy 

identification of the first bulk plasmon which is still visible at 273 L and which 

persists at 0.1 millitorr exposures (104 L). This result indicates that the H2S 

reaction limits at a product layer well within the escape depth limit for the Li 

(1 s) photoelectron (i.e., < 50 A). 

Analysis of the surface sulfur indicates that sulfide is the exclusive 

sulfur-containing product of this reaction. The S (2p) transitions for 14, 55, and 

273 L of H2S exposure (collected as with the Li (1 s)) are shown in Fig. 4.3. 

Moderate spectrometer resolution prevents the separation of the individual 2P3/2 

and 2P1/2 transitions and gives the envelope the look of a broad, asymmetric 

Gaussian peak. Fitting the envelope with an asymmetriC Gaussian function 

gives a position of 162.67 ± 0.04 eV. This yields a product Li (1s) to S (2p) 

peak separation of 106.3 ± 0:08 eV. The position and shape of this envelope 

are constant up through 104 L exposures. Brundle et al. [141] have reported 

a 1.5 eV shift in the S (2p) position passing from condensed H2S on 

polycrystalline Ni films at 77 K to a surface sulfide at room temperature. A 

surface sulfhydryl species should result in a shoulder (most likely unresolved) 

on the high BE side of the sulfide S (2p). The lack of this feature indicates that 

LiSH does not form under these conditions despite its reported stability [142]. 

The inset to Fig. 4.3 shows the S (2p) collected under high spectrometer 

resolution after a 273 L exposure. The FWHM of the envelope is ca. 2.1 eV 

and shows evidence of only a single unresolved S (2p) doublet. 
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A product formation curve demonstrates the limited extent of sulfide 

production at low pressure exposures. The integrated area of the S (2p) 

transitions is plotted in Fig. 4.4 as a function of H2S exposure. The formation 

of the surface sulfide is characterized by a near-linear region of signal increase 

extending up to ca. 55 L. A transition region occurs beyond this point where 

further signal increase is observed at a level of less than 20% the total increase 

to 55 L. This transition region extends over a 40 L exposure span. The signal 

appears to plateau at 100 L, although further increases have been observed up 

to 15,000 L. Linear extrapolation to these peak area values and comparison 

between the rate of increase with that of the initial uptake yield an approximate 

50-fold decrease in the extent of sulfide formation (per unit exposure). The 

point of intersection for these two linear segments occurs at ca. 72 L. This 

exposure best describes the midpoint of the sulfide monolayer formation region. 

An estimate of the sticking coefficient for H2S on a clean lithium surface at 

room temperature can be made by assuming the product layer to be crystalline 

Li2S. The method of Section 3.2 (correcting for surface oxygen) yields a value -

of 0.029. Comparison of the monolayer oxide and sulfid,e signals in the H20 

and H2S systems, once corrected for contaminant surface oxygen and 

photoionization cross-section, gives a relative difference of ca. 30% favoring the 

oxide. This value exceeds the measured statistical uncertainty involved in 

determining absolute peak areas. The lower value for surface sulfur 

concentration makes sense in terms of the larger size of the sulfide anion. 

Attempts to correct for atomic density based on the densities of bulk U20 and 
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U2S over-correct in favor of the sulfide. This indicates that bulk physical 

parameters may riot adequately describe these product layers. 

The surface product is not exclusively composed of lithium sulfide. 

Despite attempts to condense and chemically remove residual water from the 

H2S supply (as described in Section 2.4), residual water was observed to react 

with the surface. Figure 4.5 shows the integrated 0 (1s) peak areas as a 

function of H2S exposure in terms of surface oxide and hydroxide. The oxygen 

values have also been corrected for photo-ionization cross-section. The oxide 

surface concentration is constant throughout the exposure range shown, the 

initial source being the ambient environment of the reaction chamber. 

Comparison of absolute peak areas with the H20 data of Section 3.3 indicates 

that the surface initially contains ca. 6% of an oxide monolayer. The surface 

hydroxide signal increases with increasing H2S exposure. A significant slope 

change is visible at ca. 80 L indicating the passivating effect of a largely sulfide 

surface layer. The total oxygen signal is 10% of the total oxygen and sulfur 

Signal at 72 L. This translates to a surface layer comprised of 90% of lithium 

sulfide without correcting for different species spatial requirements. The total 

oxygen response tracks that of the sulfide beyond the monolayer transition 

region. Comparison of pre- and post-monolayer uptake yields a 50-fold 

decrease in the extent of oxide/hydroxide formation. As exposures exceed 120 

L, the oxide signals begin to decrease with corresponding increases in the 

hydroxide. This is most likely due to a shortened reaction timescale (for 

monolayer formation), increased surface concentration of hydrogen (due to H2S 

dissociation), and a shifted equilibrium favoring hydroxide formation. 
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Water will interact more extensively with the sulfide surface at greater 

partial pressures. This is shown in Fig. 4.6 where 0 (is) and S (2p) spectra 

are displayed for a surface exposed to 7000 L of H2S (a) followed by 15,000 

L of H20. The S (2p) was attenuated by a factor of ca. 15% with the exposure 

to H20. The total oxygen signal increased by a factor of 5 with a 3.3 ratio of 

hydroxide to oxide. Metallic lithium (via the Li (is» was visible prior to and 

after the H20 exposure. Over a three minute period, the hydroxide to oxide 

ratio fell to a value of 1.8 with conservation of the total oxygen signal. This 

decay response is due to the same OH- to 0 2- conversion observed at high 

level exposures of clean metal surfaces to H20. However, the rate of decay 

is significantly slower and the extent of surface oxidation required to support 

the surface hydroxide is much less. Given the minimal change in surface sulfur 

with H20 exposure and the relative passivity of the surface to further reaction 

with H2S, it is unlikely that the following reaction plays a significant role under 

these reaction conditions: 

(4.1) 

This leads to the conclusion that H20 is interacting at the available oxide sites 

on the surface as opposed to penetrating the sulfite layer. Surface layer 

penetration of H20 should initially lead to preferential oxide formation due to the 

proximity of metallic lithium. This reactivity at higher partial pressures of water 

indicates a greater surface passivation toward H2S than H20. Comparison of 

these results with those of Section 3.3 indicate that the sulfide surface is more 

chemically passive toward H20 than the oxide. 
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4.2 Response to Sulfur Dioxide 

Several products are formed at the lithium surface upon exposure to 

sulfur dioxide. This product diversity is reflected in the complexity of the 

resulting lithium spectroscopic response. The Li (1 s) spectra collected with a 

290 W AI (Ka) source at moderate spectrometer resolution for S02 exposures 

of 0, 4, 15, and 75 L are shown in Fig. 4.7. A similar attenuation in the intensity 

of the parent 1 s envelope and corresponding oxidative shift is observed as with 

the previous oxidants discussed. The plasmon loss features also undergo the 

expected suppression with increasing S02 exposure as a decreasing amount 

of metal is sampled. A high resolution scan of the Li (1 s) region is shown in 

Fig. 4.8 for 4 L exposure. This spectrum does not show the well-resolved Li+ 

(1 s) transition as with the previous surface sulfide nor do they resemble the 

closely spaced U+ transition (with respect to the metal) observed for the oxide. 

The width of the product Li+ envelope is broader than that of the sulfide and 

oxide cases. These observations suggest greater product diversity. The first 

bulk plasmon loss is still visible at 75 L indicating that the product layer has not 

exceeded a thickness of ca. 50 A (3 X IMFP of the product layer). This feature 

is still readily discern able largely because of the lack of intense, discrete 

product layer loss features as in the case of the surface oxide. 

Close examination of the high resolution U (1 s) spectra demonstrates the 

presence of several products. Figure 4.8 shows a fitted Li (1 s) spectrum 

following the method detailed in Section 3.2. Peak parameters for the metal 

transition have been constrained with values determined from a clean surface 
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Figure 4.8 Fitted high resolution U (1 s) spectra with 4 L 802 exposure 
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spectrum. First guesses as to the product peak parameters were obtained 

from the oxide and sulfide transitions previously fitted in the 02 and H28 

systems. The spectrum chosen is that of a product sub-monolayer resulting 

from a 3 L S02 exposure. The fitted result gave product transitions separated 

by 1.2 and 1.7 eV from the metal transition, respectively. The product peak 

area ratio (low BE: high BE) is 2.2 (not corrected for initial oxide contamination). 

Complete dissociation of S02 at the lithium surface would yield: 

(4.2) 

with an oxide to sulfide ratio of 2: 1. This result indicates that a reasonable fit 

to this data can be explained by the presence of a mixed oxide/sulfide product 

layer. As will be shown later, sulfur and oxygen data support the idea that 802 

dissociates completely at sub-monolayer exposures at room temperature. A 

significant increase in spectral intensity occurs above 56.5 eV in the Li (1 s) 

window for exposures above 10 L. This complex response suggests even 

greater product diversity beyond a mixed oxide/sulfide product layer. 

Examination of the extent of surface oxidation as a function of lithium 

exposure to sulfur dioxide demonstrates limited product layer growth. Figure 

4.9 shows a plot of the U+ /Lit ratio as a function of exposure for 0 to 60 L of 

S02' Curve (a) shows the experimental response and curve (b) the calculated 

response using eqn. 3.5. Comparison of curves (a) and (b) yield reasonable 

correlation between the two responses up to ca. 9 L. Above this level, the 

experimental response deviates markedly giving lower than predicted values. 

The original assumption involved an oxidation rate proportional to exposure. 
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This result indicates a deviation from a linear product formation rate. This may 

be the result of an attenuated rate of product formation and/or a change in 

reaction mechanism and product identity (a change in product stoichiometry). 

Examination of surface oxygen and sulfur demonstrates that a change in 

reaction mechanism does occur within this region. Exposures of 24 Land 

greater produce only minor changes in this ratio. This trend continues to 

exposures of up to millitorr pressures. As a result, product layer growth is 

limited under these conditions. The limiting Li+ /Lit value (ca. 0.75) can be 

explained by a changing reaction scheme and resulting limited product layer 

growth. 

The parameters used in eqn. 3.6 for the predicted response of Fig. 4.9 

were estimated as with those of the H20 system. The exponential factor was 

determined by the attenuation in the LiO (1s) signal at a monolayer (4.5 L). 

This value was calculated as 0.27 and is less than that for H20 (0.31). This is 

in part due to the use of the higher KE AI (Ka) source in the S02 study. 

Correction for the anticipated (KE) 1/2 dependence on IMFP values gives a value 

of 0.30. This compares favorably with that for the H20 study. This correlation. 

can be used to justify approximation of the k value. The k value could not be 

measured because of the inability to generate an infinitely thick product layer. 

The value calculated in the oxide studies of 0.44 was used. As discussed in 

Section 3.3, k is a function of IMFP, atomic concentration and the relative 

contribution of an intrinsic plasmon loss mechanism in the metal. The intrinsic 

plasmon contribution should be constant for any oxidant because it is a 

property of the metal only. IMFP values and atomic concentrations are related 
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in the simple model of electron scattering within a class of materials. As 

discussed previously, calculation of attenuation of the metal signal at a 

monolayer is a measure of the IMFP. 

The role of contaminant sodium is of minor importance within the near 

surface region upon exposure of sulfur dioxide. Figure 4.10 shows the 

integrated Na (is) response as a function of 802 exposure from 0 to 14 L. 

The overall response is similar to that observed for the 02 and H20 systems. 

The 4.5 L product monolayer transition point is clearly visible in this plot. A 

ratio of the -In(A/Ao) values for the UO (1 s) and Nao (1 s) transition at ¢ and 

monolayer coverages gives a value of 2.3. Calculation of the (KE) 1/2 for these 

transitions yields 2.8. The similarity here indicates that differences in U (1 s) and 

Na (is) signal attenuation can be explained by the KE dependence on the 

IMFP value. The Na response is tracking that of U but with no sign of sodium 

oxidation. The fate of sodium is best explained as a redispersion into the bulk 

as lithium migrates toward the surface for selective interaction with 802' 

Analysis of surface oxygen and sulfur demonstrate the presence of 

multiple products resulting from the sulfur dioxide reaction. Figures 4.11 and 

4.12 show the ° (is) and 8 (2p) transitions collected at moderate spectrometer 

resolution with an AI (Ka) source for 4, 15, and 75 L of 802' The inset to both 

figures shows the product transitions on a magnified energy axis to aid in peak 

pOSition identification. At low exposures, a single low BE 0 (1 s) transition 

appears at 530.59 ± 0.08 eV. This position gives an energy separation of 

474.8 ± 0.1 eV when compared to the fitted U+ (is) peak of Fig. 4.8. This 

separation value is within 0.1 eV of that observed for the 02 and H20 systems, 
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indicating the formation of a surface oxide. A corresponding low BE S (2p) 

transition positioned at 162.62 ± 0.09 eV occurs at low exposures. This 

position gives an energy separation of 106.2 ± 0.1 eV when compared to the 

U+ (1s) transition. This value is within 0.2 eV of that observed for the H2S 

system, indicating the formation of a surface sulfide. These results support the 

model of complete dissociation of the S02 at the lithium surface prior to 

monolayer product formation. This is in agreement with the results of 

Hoenigman et al. [98, 99] and Nebesny et. al. [100, 101, 141]. 

Complete dissociation of sulfur dioxide is limited to the sub-monolayer 

stage of surface oxidation. As exposures increase, additional oxygen and sulfur 

transitions occur at higher BE values which are indicative of sulfur oxyanionic 

species. A second 0 (1 s) transition centered at 534.00 ± 0.08 eV becomes 

visible at 15 L and eventually predominates the oxygen response at 75 L. This 

transition is separated by 3.41 ± 0.08 eV from that of the oxide. Two S (2p) 

transitions appear at 167.20 ± 0.07 eV and 169.37 ± 0.09 eV with increasing 

exposure. The transitions are separated by 4.5 ± 0.1 eV and 6.8 ± 0.1 eV 

from that of the sulfide, respectively. The higher BE positions of these sulfur 

transitions indicates more electropositive sulfur centers. This can only be 

achieved under these conditions if the sulfur is coordinated to oxygen. The 

associated oxygen response is combined within the high BE 0 (1 s) envelope. 

Sulfur oxyanionic product identification may be attempted by examining 

the relationship between these spectral features and those of known standards. 

The two high BE transitions are indeed due to two discrete forms of sulfur 

based on the ability to generate one or the other under different conditions. 
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Evidence for this will be presented shortly. Neither of these two forms are tied 

to the sulfide response because high level exposures lead to their 

predominance with minor sulfide contribution. This leads to the conclusion that 

both forms represent sulfur centers within a molecule containing one equivalent 

form of sulfur. Possibilities for product identity become dithionite (820/-). 

802(ads). sulfite (80l-). dithionate (820 6
2-). pyrosulfate (820 5

2-). and sulfate 

(804
3-). It is unclear as to whether pyrosulfate contains equivalent sulfur 

atoms. Nickless [144] comments on possible structures and the equivalency 

of the sulfur atoms. 8eigbahn et al. [145] have reported observing two 8 (2p) 

transitions from standard pyrosulfate samples. Attempts at pressed pyrosulfate 

powders in indium foil and as pellets within this laboratory have shown 

evidence of significant photoreduction. This x-ray sensitivity excludes 

pyrosulfate from consideration as a possible observed product of the Li/802 

reaction due to the reasonable stability of these surface products. 80dium 

dithionite samples have also shown a similar x-ray sensitivity in our analysis. 

The x-ray sensitivity of sodium and potassium dithionite has been documented 

by 8ymons et aI. [146. 147]. As a result. dithionite may also be excluded from 

consideration. This field of consideration can be further reduced by comparing 

the 0 (1 s) to 8 (2p) peak separation values. Values for the surface products 

are 366.8 ± 0.1 eV and 364.6 ± 0.1 eV. assuming that the 0 (1 s) of both 

species coincide within less than 0.1 eV. Comparison of these values with 

those from 8eigbahn's [145] studies. those involving condensation of 802 on 

various metal surfaces. and work within this laboratory is made in Table 4.1. 

The best agreement between surface products and standards is found for the 
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high BE transition and sulfite and the intermediate BE transition and S02(ads}. 

Calculated product stoichiometries support these conclusions. 

These results are in partial agreement with those of previous 

investigations of the lithium/sulfur dioxide system. Nebesny [100] has employed 

Auger lineshape analysis to identify the formation of oxide and sulfide on 

abraded lithium surfaces. Exposures beyond millitorr pressures demonstrated 

the formation of secondary products identified as dithionite and thiosulfate. The 

high threshold for sulfur oxyanionic product formation is most likely due to the 

limiting sensitivity involved when deconvolving broad overlapping Auger 

lineshapes. There is also a question of product thermal instability with the more 

disruptive electron source which will be addressed later. Nebesny has also 

calculated a sticking coefficient for the initial reaction ranging from 0.1 to 0.3. 

Estimation of a sticking coefficient for S02 within this study can be made by 

assuming a stoichiometric crystalline Li20/Li2S product layer forms using a 

weighted average of physical constants. The method of Section 3.2 yields a 

value of 0.28 (correcting for initial contaminant surface oxygen). Hoenigman et 

al. [98, 99] has conducted low exposure studies on thin, evaporated films using 

XPS. Identical ° (1 s) and S (2p) lineshapes have been reported with peak 

positions in agreement with those of this work to within 0.2 to 0.3 eV. This 

discrepancy is most likely due to different approaches to XPS peak fitting and 

position assignment. Comparison of lineshapes for abraded and evaporated 

films at several exposures within this laboratory yield no significant differences. 

This eliminates surface type as a significant factor in the analysis of the surface 

products. Hoenigman et al. have neglected to acknowledge the appearance 
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Table 4.1 

Standard 0 {1s}/S (2p) Peak Separation Values 

(a) Standard Compounds 

Composition Reference 

Na2S03 365.2 145 
Na2SO 364.3 d 
Na2s0

34 365.6 d 
Na2S 4 363.4 145 
Na

S
S04 363.0 d 

Li2 04 362.8 d 
FeSO 363.6 145 
Fe~S04)3 362.5 145 
Cu 04 362.8 141 
CuSO 363.1 152 
Na2S203

a 369.9/363.9 145 
Na2S20 3

a 369.3/363.4 d 

(b) Surface Products 

Probable Composition L\E0/S(eV) Reference 

Li2O/Li2S 368.0 d 
Li2O/Li2S 368.6 98 
Li2S03 364.6 d 
Li S03 365.2 98 
S02(aas)/ue 366.8 d 
S02( cond)/Nib 364.5 141 
S02( cond)/ Aub 364.1 141 
S02( cond)/ Aub 364.6 152 
S02(cond)/Fe 364.9 152 
S02{adslLNic 365.4 141 
S02(g) 364.8 145 
S02(g) 365.0 155 

a high value corresponds to sulfidic sulfur 
b initial condensation, low temperature value 
C value observed with surface warming, prior to dissociation 
d this dissertation 
e room temperature 
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of the intermediate BE S (2p) transition. Examination of their published data 

shows the presence of this intermediate form as was first pointed out by 

Abraham [78]. They have also measured a monolayer formation exposure of 

4.5 L based on the surface oxygen and sulfur response. 

Product formation curves for oxygen support the anticipated greater 

reactivity of sulfur dioxide at low exposures. Figure 4.13 shows the integrated 

o (1 s) peak areas for both transitions plotted as a function of S02 exposure. 

The data results from the use of a Mg (Ka) source to eliminate interference 

between the 0 (is) and a Na (KW) transition out of concern for quantitation. 

The oxide trace shows a near-linear region of increase up to ca. 4.5 L. This 

is followed by an approximate three-fold decrease in slope and a second near

linear region of increase to 12 L. Beyond this level, the oxide curve becomes 

non-linear and shows signs of further slope decrease indicating a limit to oxide 

formation. The transition point at 4.5 L is consistent with the monolayer 

formation point observed for the Na (1 s) of Figure 4.10. The ordinate axis has 

been arbitrarily set to a value of 1.0 at this point. An initial surface cleanliness 

of 8% of an oxide monolayer is implied by extrapolation of the oxide curve to 

o L. The oxide actually accounts for only a certain percentage of the 

monolayer composition. This value could be overestimated by as much as a 

factor of 1.5 assuming a product O/S ratio of 2.0. The same concerns of axis 

linearity apply in this case as discussed with previous oxidants. The secondary 
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oxygen product is not detected until an exposure of 1.6 L is reached. This 

product constitutes an increasing percentage of the total oxygen in this 

sub-monolayer region, reaching a value of 8% at 4.5 L. Past the monolayer 

transition region, the secondary oxygen curve undergoes a continual increase 

in slope. Tangent slope values exceed that of the upper oxide segment but not 

the lower segment. This shows that the secondary oxygen forms less facilely 

than the primary oxide (Li20) given the smaller stoichiometric ratio of oxygen 

to lithium for the sulfur oxyanionic compounds. This is in qualitative agreement 

with Fig. 4.9 where Li+ flit ratios indicate the greatest change in extent of 

oxidation occur ,'/ithin the first 15 L of exposure. The secondary oxygen 

accounts for 50% of the total surface oxygen as exposures reach 15 L. 

The surface sulfur product formation curves are shown in Fig. 4.14 for 

the first 15 L of sulfur dioxide exposure. This data is also the result of use of 

a Mg (Ka) source for quantitative purposes. S (2p) peak areas have been 

corrected for photo-ionization cross-section, and the ordinate axis has been 

calibrated to that of Fig. 4.13 for direct comparison of the sulfur and oxygen 

response. No attempt has been made to correct this data for the KE 

dependence of the IMFP values. The sulfide curve show a near-linear region 

of increase extending up to 4.5 L. An approximate 2.5-fold decrease in slope 

generates a second near-linear region extending up to 12 L. The sulfide curve 

does not appear to undergo as severe a further decrease in slope as 15 L is 
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approached as did the oxide uptake curve. The sulfite signal appears at 1.6 

L . and constitutes less than 4% of the total surface sulfur at a product 

monolayer coverage. Significant increases in the slope of the sulfite formation 

curve are visible beyond monolayer formation. The tangent slope values of this 

curve are slightly greater than that of the upper sulfide trace as 15 L is 

approached. This decrease in overall surface activity relative to the 

pre-monolayer region is more visible in the S (2p) plot compared to the ° (1s) 

plot due to the similar sulfur atom to product molecule ratio between sulfide 

and sulfite species. S02 (ads) first becomes visible at exposures less than 9 

L and accounts for less than 8% of the total sulfur at exposures less than 15 L 

The surface sulfite product becomes a major component of the product 

layer at sulfur dioxide exposures greater than 15 L The peak areas of each 

° (1 s) and S (2p) transition are plotted in Fig. 4.15 for exposures up to 150 L 

The oxide and sulfide curves begin to limit at 15 L with only minor increase at 

higher exposure. The secondary oxygen curve shows a region of maximum 

increase from 7 to 15 L Further increase is observed extending to exposures 

of ca. 70 L The sulfite sulfur curve shows a similar trend with a limit to further 

increase as 70 L is approached. The S02(ads) sulfur Signal tracks that of 

sulfite sulfur response. The S02(ads) species constitutes ca. 30% of the total 

surface sulfur at exposures above 15 L This region of secondary oxygen and 

sulfur signal increase coupled with continued increase in the oxide and sulfide 
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signals indicates simultaneous formation of primary and secondary products 

with increasing exposure. This trend continues to exposures in excess of 

15,000 L. 

A close examination of these product formation curves gives product 

stoichiometric and structural information. Peak area ratios should most closely 

approximate the product stoichiometries at low surface coverages despite 

structural information preventing IMFP correction. A ratio of the initial oxide and 

sulfide slopes, prior to secondary product formation, yield a value of 1.6 ± 0.1. 

This value is close to the expected ratio of 2: 1 for complete dissociation of 

802' A slope ratio produces an average value with the contribution of initial 

contaminant oxide subtracted. Direct ratios of secondary oxygen to sulfur prior 

to the appearance of 802(ads) species give an average value of 3.1 ± 0.3. 

This value supports the argument for the presence of 80/- within the product 

layer. This value decreases witb the appearance of 802(ads). This would be 

expected based on the different stoichiometries of these species. A weighted 

average of these stoichiometric ratios based on a 30% 802 (ads) contribution 

should yield a value of 2.7. The actual value decreases to 2.0 prior to an 

exposure of 15 L. The oxide/sulfide ratio also decreases from 1.5 (at a 

monolayer) to 1.2 at 15 L. If a discrete secondary layer were formed, the 

decrease in the oxide/sulfide ratio would be more severe than the oxygen/sulfur 

ratio of sulfite due to enhanced scattering through an overlayer. This suggests 
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that the secondary sulfur oxyanionic products form within the oxide/sulfide layer. 

Product layer growth has reached ca. 4 monolayers above the 15 L exposure 

level (based on U+ /'-t values) yielding a thick enough film to account for 

appreciable scattering. Scattering may be enhanced at the macroscopically 

rough surface as discussed by Nebesny [143]. Evaluation of the oxide/sulfide 

ratio for evaporated films at exposures greater than 15 L yield increased values 

relative to abraded foils suggesting that the rough surface does play a role in 

scattering. The initial structural composition of the film is a mixed oxide/sulfide 

layer resulting from the complete dissociation of S02 followed by incorporation 

of a surface sulfite and adsorption of S02' No discrete secondary product 

layer is evident within this low exposure region. 

The formation of sulfite is most likely due to the interaction of sulfur 

dioxide with surface oxide sites. Evidence for this can be found by pre

exposure of the lithium surface to variable levels of 02 followed by a constant 

S02 exposure. The results of such an experiment are shown in Fig. 4.16(a-f) 

where the S (2p) spectra is used as a measure of product layer composition. 

Oxygen exposures of 0, 0.25, 1, 5, 10, and 50 L were used (a-f, respectively) 

followed by 1.2 L of S02' The sulfide S (2p) peak intensities have been 

normalized to facilitate direct comparison of the spectra. Total surface sulfur 

signals are constant within experimental error, allowing this direct comparison. 

The data demonstrates that the sulfite contribution to total surface sulfur 
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increases with increasing 02 pre-exposure. The greatest enhancement is seen 

for exposures which generate a partial oxide monolayer ( < 6.5 L). This result 

can be rationalized based on the expectation that once the surface is saturated 

with oxide, further reaction becomes mediated by the oxide product layer. 

These results were found to be a function of the time interval between 02 and 

S02 exposures. S02 exposures immediately following surface oxide formation 

produced approximately constant levels of sulfite contribution ranging from 20% 

to 30% of the total sulfur. Evaporated lithium films with 10 to 15 minute 

intervals between 02 and S02 exposures yielded only trace sulfide signals. 

This time dependence is most likely due to dissipation of the excess free 

energy of the Li/02 reaction thermally, resulting in altered lithium mobility at 

the interface. The interaction of S02 at alkaline earth metal oxide surfaces has 

been studied by Lunsford et al. [148, 149] and Low et al. [150, 151]. Infrared 

spectroscopic analysis of MgO and CaO substrates has shown that several 

surface coordinated S03n- species form of varying stability. This has been 

interpreted as a Lewis acid (S02)/base (02-) interaction involving the expansion 

of the coordination sphere of sulfur. This interaction should be greater for the 

stronger Lewis base Li20 when compared to that of the alkaline earth oxides. 

This process, along with the observed permeability of the oxide toward S02 

(see Section 4.2.3) appears to be responsible for propagation of the product 

layer in the Li/S02 reaction. 



194 

4.2.1 Adsorption of Sulfur Dioxide 

The intermediate BE form of sulfur (see Fig. 4.12) apparently 

corresponds to an adsorbed form of sulfur dioxide. Evidence for this is 

provided by condensing S02 onto an abraded surface at (-129°C) on a cold 

stage removed from the analysis chamber. The sample was then transferred 

onto a pre-cooled (-129°C) analysis stage. The sampled warmed to -60°C 

upon transfer which most likely resulted in some preliminary reaction at the 

surface. The results obtained from the S (2p) and 0 (1s) regions as a function 

of time and temperature are displayed in Fig. 4.17 and 4.18. This data was 

collected with an AI (Ka) source at moderate spectrometer resolution. The 

initial products incorporate high BE forms of sulfur and oxygen with small 

amounts of sulfide and oxide. The presence of sulfide and oxide indicates that 

reaction has occurred during the transfer period. The first three spectra (a-c) 

correspond to re-cooling of the surface. The high BE S (2p) and 0 (1s) 

envelopes are separated by 366.5 eV. This value is within several tenths of an 

eV of that observed for the intermediate form of sulfur generated at room 

temperature exposures. Select high resolution S (2p) spectra (as shown in Fig. 

4.19) demonstrate the presence of multiple secondary forms of sulfur. Two 

predominant features are visible along with the low BE sulfide transition at 162.6 

eV for low temperatures. These transitions are displaced 4.3 and 5.6 eV to 
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Figure 4.17 5 (2p) spectra with 502 condensation: (a) -so°C, 2 min: (b) -120°C, 
32 min: (c) -132°C, 47 min: (d) -7aoC, 90 min: (e) -35°C, 110 min: 
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Figure 4.18 0 (1 s) spectra with 802 condensation: (a) -OO°e, 2 min; (b) -120°C, 
32 min; (c) -132°C. 47 min; (d) -78°C. 90 min; (e) -3Soe, 110 min; 
(f) -SoC. 147 min; (g) 12°C. 170 min after exposure. 
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Figure 4.19 High resolutionS (2p) spectra with S02 condensation: (b) -102°C, 
32 min; (c) -132°C, 47 min; (e) -35°C, 110 min; (f) -6°C, 147 min; 
(g) 12°C, 170 min after exposure 
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higher BE (with respect to the sulfide transition). The lower energy transition 

correlates with that attributed to S02(ads) observed at room temperature. The 

higher energy feature is too intense and well-separated from the S02 (ads) 

peak to be explained as a summation of spectral intensity from a lower lying 

S (2P1/2) transition and a higher energy transition (due to the anticipated 

formation of sulfite). This higher energy transition is most likely due to 

associatively adsorbed S02 in a different local environment. Spectroscopic 

evidence for this type of difference has been observed [152]. Distortion of the 

sulfide transition is °also visible due to the onset of the predominant secondary 

sulfur transitions. 

Surface warming produces a loss of surface S02 along with further 

reaction and product formation. A5% loss in total oxygen and total sulfur 

signal occur during surface re-cooling (spectra a-c) indicating material loss from 

the surface. The oxide and sulfide signals increase by ca. 40% while 

maintaining a constant 1:1 oxide/sulfide ratio. Initial U (1s) spectra (not shown) 

show the extent of oxidation to be similar to the low pressure limit to reaction 

« 150 L) discussed previously. These observations indicate that the product 

layer represents a mixed layer of oxide and sulfide with 802 incorporated into 

it in several configurations. 802 undergoes both evolution into the gas phase 

and reaction with surface warming. This trend continues as the surface warms 

to room temperature as shown in spectra (d-g). The total oxygen and total 
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sulfur signals decrease by an additional 15% over this two hour period. The 

oxide and sulfide signals increase by ca. 14% with no change in the 

oxide/sulfide ratio. The 5 (2p) spectra of Fig. 4.19 show the appearance of the 

sulfite transition (displaced from the sulfide by 6.8 eV toward higher BE) as 

room temperature is approached. The secondary oxygen/sulfur ratio increases 

by a factor of 1.25 on passing from spectra (a) to (i) consistent with the greater 

stoichiometric ratio of sulfite. Comparison of these results with a room 

temperature control exposure of 150 L of 502 yield Slightly lower oxygen and 

sulfur surface concentrations for the low temperature case. However, the 

primary and secondary oxygen/sulfur ratios are identical. As a result, low 

temperature condensation of 502 followed by gradual surface warming 

produces the same product layer composition and structure observed in the 

room temperature case. This is accomplished by 502 dissociation and reaction 

at the surface along with evolution from the surface. 

Additional evidence for sulfur dioxide within the product layer comes from 

an examination of the thermal stability of the product layer. Figure 4.20 shows 

the integrated oxygen and sulfur signals from a lithium film exposed to 6000 L 

of 502 (at room temperature) under constant x-ray source illumination (300 W 

AI (Ka) as a function of time. The maximum sample stub temperature as a 

result of source heating is 34°C. The lithium substrate is that of a 50 A film 

deposited onto a clean, polycrystalline nickel foil. The nickel foil is used as a 
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marker for the back interface to avoid sampling depth limitations. Nickel was 

chosen because of its resistance to alloy formation with lithium. Note that all 

forms of surface products are present as indicated in Fig. 4.20 in approximately 

the same relative proportions as viewed for a similar exposure on an abraded 

surface. The 802(ads) signal decays to an undetectable level after the first 

hour of illumination. The total oxygen and sulfur signals also decay during this 

time period indicating a net material loss from the surface. Additionally, losses 

in secondary oxygen and sulfur are visible which are countered by increases 

in oxide and sulfide signals. This trend extends out to two hours of illumination 

with final total oxygen and sulfur losses of 8% and 16%, respectively. No 

indication of reaction of 802 or surface product with the nickel substrate is 

visible. This overall process appears to involve the initial desorption of 

802(ads) followed by reduction of sulfite to oxide and sulfide by residual lithium 

migration toward the interface for this moderate temperature region. 

The assumption applied in the previous product degradation study is that 

changes are induced thermally as opposed to being the result of x-ray induced 

photo-decomposition. This assumption can be validated by inducing thes~ 

changes thermally. Figure 4.21 shows the 8 (2p) spectra for an abraded 

lithium film exposed to 150 L of 802 collected with constant 300 W AI (Ka) 

source illumination under moderate spectrometer resolution. The sample was 

heated by passing hot nitrogen through a liquid nitrogen reservoir attached to 
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Figure 4.21 Variation in the S (2p) signal with sample heating: (a) 0; (b) 5; 
(c) 10; d) 15; (e) 20; (f) 30 min after start of temperature ramp 
[T max = 70°C] 
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the sample stage. The maximum sample temperature measured was 700e over 

the 30 minute period shown. Individual spectra were acquired over a 30 

second period. The results of Fig. 4.21 yields the same initial trends observed 

previously with source heating. Initial losses occur within the 802(ads) segment 

of the 8 (2p) window along with losses in sulfite and gains in the sulfide 

signals. The initial 802 peak area is ca. 50% that of the sulfite for these studies 

compared to 30% observed for the product formation curve studies. This 

difference is most likely the result of the additional time taken to first scan the 

° (1 s) region and additional scans of the 8 (2p) region for higher signal-to

noise ratio data. This difference points to the reasonably facile desorption of 

802(ads) from the product layer. There is a net loss in the total sulfur signal. 

In consideration of the information gained in the previous thin film experiment, 

it is clear that material loss is the explanation for signal decrease and not the 

result of sampling depth limitations. It is also interesting to note that significant 

decreases in sulfite concentration can be achieved at higher temperatures 

accompanied by material loss from the surface. Repetition of this experiment 

with intermittent sample illumination for 30 seconds every 5 minutes produces 

identical spectral changes with no significant difference in the rate of change. 

This product degradation is therefore the result of a thermal mechanism which 

leads to material loss from the surface. 
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Sulfite product loss from the surface most likely proceeds by way of S02 

evolution. Figure 4.22(a) shows the ion current response (m/e = 64) from a 

thick lithium film (> 1000 A) deposited onto a polycrystalline nickel foil and 

subsequently exposed to 4500 L of S02 as a function of substrate temperature. 

The ordinate axis is given in S02 partial pressure for the 10.8 torr range. The 

heating rate is equivalent to 1.6oC/sec. An increase in S02 is observed with 

increasing temperature with a maximum occurring at 110°C. Increasing 

temperature produces a decrease in signal with a minimum value at 120°C. 

Increased signal is observed at higher temperatures following this minimum with 

a well-resolved peak at 13SoC. Beyond this temperature, signal decrease 

occurs with eventual values (175°C) falling below the original background level 

of S02 within the chamber. The response of a nickel foil absent of a lithium 

overlayer results in trace (b). The absence of any discrete features in this 

background response indicate that the source of S02 is the lithium product 

layer. Control experiments indicate that temperatures of 170°C are sufficient 

for the elimination of surface sulfite. This fact, coupled with the facile 

desorption of S02 (ads) at temperatures less than 34°C, suggest that sulfite is 

removed via S02 desorption. 

The experiments discussed to this point have been conducted to 

minimize product degradation over the required data acquisition period. Experi

ments have been structured to optimize the information sought-qualitative 

----------- ~~-
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survey scans, high resolution product identification, and quantitation. Qualitative 

information has been obta!ned by sequentially scanning wide energy windows 

(typically 50 eV) for the 0 (1s), S (2p) , and Li (1s) regions over a 34 minute 

period. The 0 (1 s) region was used as an indicator for the extent of change 

during this period by collecting initial and final scans. A 10% decrease in the 

secondary oxygen with a corresponding increase in the oxide signal was 

observed on average. High resolution spectra were collected after re-exposure 

of a freshly prepared surface and scanned to obtain sufficient signal-to-noise 

ratio spectra. The data used to generate the product formation curves was 

obtained by restricting the spectral windows using the criterion of sufficient data 

for satellite and background subtraction. The oxygen and sulfur data of Fig. 

4.13 through Fig. 4.15 were obtained from the same sample over a 250 second 

period. The quantitatively most significant data should contain the least degree 

of inaccuracy due to product degradation. 

4.2.2 High Pressure Exposures of Sulfur Dioxide 

The reaction of lithium with sulfur dioxide has been explored at relatively 

low pressures up to this point. Low pressure exposures lead to complete 

dissociation of the S02 molecule, resulting in the formation of mixed 

oxide/sulfide product layer. Secondary product formation occurs in the form 
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of a surface sulfite species at sub-monolayer coverages « 4.5 L). Multi-layer 

product growth produces a mixed oxide/sulfide/sulfite film. 502 adsorbs within 

the film past monolayer growth. Product layer growth is limited to less than 6 

equivalent monolayers for exposures up to 15,000 L (0.1 millitorr) for this low 

pressure region. The battery environment contains a much higher 

concentration of 502 (3 to 4 atm.). The lithium anode interacts with 502 in the 

vapor phase prior to immersion in the electrolyte. It becomes critical to 

understand how this surface film varies in composition and structure under 

these more severe conditions. These low pressure studies become a reference 

system for the high pressure studies which will more closely approximate the 

electrochemical environment. 

Few high level exposure studies of lithium to sulfur dioxide have been 

reported in the literature. Much of the work is the result of analysis of lithium 

anodes from test battery systems. Nebesny et al. [100, 101] have made the 

only reported attempt at exposing clean lithium surfaces to high levels of 502 

in a controlled manner. A transition region has been identified at millitorr 

exposures where the 5 (L W) Auger lineshape indicates the presence of 

significant levels of sulfur oxyanionic species. These products have been 

identified as dithionite and thiosulfate using sodium salt standards with a 

method of Auger lineshape analysis. These results are clearly not supported 
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by the evidence presented up to this point in this dissertation. Reasons for this 

involve the limited sensitivity of an Auger lineshape analysis scheme for a 

heterogeneous, mUlti-component matrix as discussed in Section 4.2. In 

addition, the use of crystalline salt standards to model a potentially amorphous 

surface film of limited thickness with the use of a spectroscopic probe which 

incorporates valence level information becomes inappropriate. The question of 

thermal degradation of the product layer also must be considered. This was 

not explored in the Auger study. The identification of a transition region with 

AES where the product distribution changes is significant in light of the surface 

sensitivity for these low KE sulfur and oxygen transitions. A corresponding 

observation should result with the use of XPS to correlate these two studies. 

Controllec:t exposure of lithium to greater than millitorr pressures of sulfur 

dioxide indicate product layer compositional and structural changes. Figure 

4.23(a-c} shows the U (1 s) spectra for 300 second exposures to 0.1 millitorr, 

1 millitorr, and 1 atm of 802 using a 300 W AI (Ka) source at a high 

spectrometer resolution (pass energy = 20 eV). The 0.1 millitorr case (a) is 

included for a reference and represents an oxide/sulfide/sulfite product layer of 

less than 6 equivalent monolayers. The U (1s) envelope picks up intensity at 

higher BE values with a pressure increase to 1 millitorr (b). The extent of 

surface oxidation is similar to the 0.1 millitorr case. With a pressure increase 

to 1 atm (c), a significant amount of spectral intensity is present at 58 eV, 
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Figure 4.23 Comparison of U (1 s) spectra with high level 802 exposure: (a) 0.1 
millitorr; (b) 1 millitorr; (c) 1 atm 802 partial pressure for 300 sec 
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indicating a change in the product layer. This shift in intensity away from the 

metal transition is greater than any previously observed oxidative shift. The 

Li+ /Lit ratio has increases to 0.89, indicating a product layer thickness of less 

than 8 monolayers (assuming no change in the electron scattering properties 

of the film has occurred). This change from 1 millitorr to 1 atm exposures may 

correspond to the transition region observed by Nebesny and is most likely the 

result of compositional and/or structural changes within the product layer. 

The surface oxygen and sulfur response demonstrates that a significant 

change in the product layer occurs at high level exposures. Figure 4.24 shows 

the 0 (1 s) and S (2p) spectra for the 1 millitorr and 1 atm exposures discussed 

above. Peak positions vary by as much as 0.5 eV when compared to the 

previous low level exposure studies. However, a secondary oxygen to sulfur 

peak separation of 364.4 ± 0.1 eV is maintained in agreement with the low level 

exposure value. As a result, the product layer is principally composed of sulfite 

with a minor contribution from oxide and sulfide. The S (2p) spectra give no 

indication of the presence of S02(ads) at this exposure level. This is most 

likely the result of desorption of S02 prior to analysis of the sample due to the 

additional time required to bring the reaction chamber back to an acceptable 

base pressure. The average secondary O/S ratios for these exposures is 2.2. 

This value reflects the absence of S02(ads) when compared to the lower values 

(O/S = 1.8) observed at lower exposure levels. 
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Figure 4.24 ° (ls) and S (2p) spectra with high level S02 exposure: (a) 1 millitorr; (b) 1 atm S02 partial 
pressure for 300 sec I\) ...... ...... 
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Structural changes appear to accompany the formation of this product 

layer at higher pressures. The oxide and sulfide appear oriented adjacent to 

the metal/product interface under an overlayer of sulfite. Evidence for this is 

given in Fig. 4.25 where the AI (Ka) induced valence band spectra are shown 

for these two exposures. In addition, a monolayer exposure response has 

been included to aid in spectral feature identification. This data was collected 

as part of three different experiments spaced over a several month period and' 

lacks precise, absolute intensity correlation. As a result, these spectra have 

been normalized to the most intense feature within each and comparison must 

be made between the relative features within each. The lowest BE peak 

positioned at 7 eV corresponds to emission from the bonding and anti-bonding 

orbitals comprised of the 0 (2p) and S (3p) orbitals. This correlates with the 

UPS data of McClean et al. [97] and Brundle et al. [141]. Emission from the 

valence region of Li (1 s) is very weak and does not contribute significantly to 

the spectral profile. The peak positioned at 14 eV corresponds to the S (3s) 

transition for a surface sulfide. The sulfite S (35) occurs at 18 eV and appears 

at a trace level in the monolayer case consistent with the previous 

compositional studies. The corresponding oxide and sulfite 0 (2s) transitions 

occur at 23 and 28 eV, respectively. The Na (2p) is visible in the monolayer 

spectra at 32 eV. The same general trends of oxide/sulfide predominance at 

low exposures with enhanced growth of sulfite at higher exposures are 
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Figure 4.25 Valence region spectra with 802 exposure 
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demonstrated with these spectra as observed previously with the ° (1s) and 

S (2p) transitions. The utility of the higher KE valence region is the greater 

overall sampling depth and smaller differences between sampling depth of 

given transitions. In comparison of the millitorr and atmosphere exposure 

responses, it is clear that the composition of the near surface region has 

changed. Oxide and sulfide are still present within the product layer; however, 

the concentration of sulfide significantly outweighs that of oxide within the same 

sampled volume element. This supports the previous hypothesis involving the 

reaction of S02 with oxide sites within the product layer and/or the preferential 

formation of sulfide. Comparison of the valence region with the core level infor

mation of Fig. 4.23 produces a mismatch in the relative contributions of sulfide 

versus sulfite. This suggests that the sulfide (and most likely residual oxide) is 

oriented lower in the film given the IMFP dependence on kinetic energy. This 

represents a discrete secondary product layer formation comprised of sulfite 

and most likely correlates with the transition region observed by Nebesny. 

A similar surface can be generated outside of vacuum. Abraded lithium 

foils exposed to S02 in a glove bag and introduced into the vacuum system 

via an argon purged airlock show exclusive sulfite formation. The ° (1s) to S 

(2p) peak separation is a consistent 364.3 ± 0.1 eV and O/S peak area ratios 

average 2.2, consistent with the previous studies. The Li (1s) shows no sign 

of the metal underlayer indicating product layer thicknesses in excess of 12 



215 

monolayers (based on low level exposure parameters). The a (1s) and S (2p) 

regions show no sign of oxide or sulfide products indicating a multi-layer sulfite 

overlay. The product film shows no sign of thermal degradation with extended 

x-ray source exposure. This discrete sulfite layer appears to have appreciable 

stability. 

4.2.3 Response to Electrolyte Immersion 

Correlation is required between the previous gas phase studies and the 

solution phase conditions within the battery environment. Due to the 

anticipated extent of reaction, it is unrealistic to expect any more information 

than the near surface region composition. One approach to obtain this 

information involves the immersion of a lithium foil in a model electrolyte. 

Acetonitrile saturated with S02 was used without a supporting electrolyte salt. 

The salt was excluded to eliminate the need for a solvent rinse after immersion. 

Exposures were conducted in a glove bag attached to the spectrometer airlock 

under a positive pressure of UHP argon. Several control experiments were 

conducted to identify the initial state of the lithium surface prior to immersion. 

It is not possible to maintain an atomically clean lithium surface outside of ultra 

high vacuum prior to immersion given the reactivity of lithium. The control 

experiments involve abrasion of a foil in UHV, followed by removal to the 
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airlock, exposure to an atmosphere of argon, and reintroduction to the 

spectrometer for analysis. This was followed by the above sequence including 

removal to the glove bag environment for a 2 minute period. To investigate the 

short term response of acetonitrile, the above sequence was repeated with 

several milliliters of acetonitrile dropped onto the foil and allowed to stand for 

a 2 minute period. The sample was then reintroduced with a suitable pumping 

period prior to analysis. These experiments constitute the control methods and 

will be discussed first. 

Lithium foils exposed to argon contained thick, mixed oxide/sulfide 

overlayers. This is the expected response given the demonstrated reactivity of 

lithium to trace levels of 02 and H20 within the argon stream. Several forms 

of surface carbon were visible with C (1 s) transitions at slightly higher BE 

values than that of 284.6 eV for adventitiously adsorbed carbon. These 

appeared to be confined to the surface due to their low intensity. No changes 

were observed for prolonged exposure to the glove bag environment. 

Exposure to acetonitrile generated a predominant hydroxide layer. The most 

likely source of water was as a contaminant in the solvent. Surface carbon and 

nitrogen were present at BE values consistent with those observed for gas 

phase CH3CN exposures (discussed in Chapter 5) indicating a surface/solvent 

reaction. However, the extent of interaction was limited with carbon and 

nitrogen at levels less than 10% that of surface oxygen. The oxide/hydroxide 
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overlayer appears as a barrier toward reaction for short term exposures. 

Experiments conducted within an argon glove-box in this laboratory show that 

lithium strips will eventually react when immersed in acetonitrile. The several 

minute period required prior to the evolution of a gas at the lithium surface is 

presumably due to the dissolution of the surface film. The limited extent of 

reaction observed in this control experiment is most likely a result of limited 

exposure. 

Immersion of lithium in a S02-saturated acetonitrile solution results in the 

production of a sulfite-dominated surface film. The initial pre-oxidized surface 

maintained a metallic appearance. This surface took on a dull gray color in 

less than 30 seconds with exposure to the electrolyte. Analysis of the surface 

film after immersion gave a predominant sulfite product layer. The resulting 

product layer exceeds the sampling depth limitation for the zero valent Li (1 s) 

with no Sign of the metal underlayer. The positions of the ° (1s), S (2p) , and 

U (1 s) coincided with those of the previous S02 exposures, once corrected for 

the onset of surface charging. The oxygen to sulfur peak area ratio correlated 

with that found for high level S02 exposures. This eliminates the possible 

contribution of residual hydroxide within the product layer. Surface sulfite has 

been observed on lithium anodes sampled from discharged and undischarged 

experimental and commercial cells [73, 74]. Surface carbon was found 

attenuated relative to the control cases. Increased levels of nitrogen were 
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observed resulting in a more favorable N/C ratio and indicating continued 

Li/CH3CN reaction. This product accounts for less than 20% of the 

composition of the near surface region. The minor contribution of acetonitrile 

to a surface film is anticipated considering the respective reactivities of S02 and 

CH3CN (see Chapter 5). This result is also consistent with previous data [72] 

indicating the passivating role of S02 in differential scanning calorimetric 

studies. 

The solution exposure of lithium to a model electrolyte represents the 

most direct approach toward understanding the fate of a lithium anode at open 

circuit within an electrochemical environment. Despite extensive reaction and 

a surface sensitive technique, information from controlled, low level exposures 

can be used as a point of reference. In this case, a correlation exists in the 

formation of a discrete sulfite product layer. The ability to form this product 

from high level exposures of a metallic lithium surface or an extensively oxidized 

lithium surface has been demonstrated. It is this surface overlayer, most likely 

sitting above a mixed oxide/hydroxide layer, which exists in the electrochemical 

environment over short term immersion periods. This study represents the first 

reported attempt at correlating a full range of controlled gas phase exposures 

to the condensed phase limit. The electrochemical experiments of Chapter 6 

describe the behavior of this surface for this period of short term immersion. 
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4.3 Response to Sulfuryl Chloride 

Lithium shows a complex spectroscopic response upon exposure to 

sulfuryl chloride. Figure 4.26 shows the Li (1 s) transition for 1, 3, and 9 L of 

S02CI2 at moderate spectrometer resolution with a 300 W Mg (Ka) source. A 

similar trend in attenuation of the parent Li (1 s) intensity, envelope broadening 

with a corresponding oxidative shift, and suppression of the plasmon loss 

features is observed as with S02. The primary difference between the effect 

of these oxidants is the width of the Li (1 s) envelope. The approximate width 

of the full (1 s) envelope (FWHM at moderate resolution) is 4.4 eV compared to 

3.2 eV for the U/S02 system at a similar extent of reaction. Figure 4.27 shows 

high resolution scan of the Li (1 s) envelope taken after a 3 L of S02CI2 

exposure. Comparison of these spectra with those due to S02 exposure show 

significant differences. Spectral intensity is distributed over a greater energy 

range for S02CI2 exposures. This increased energy width for the product 

envelope is indicative of greater product diversity in a chemically unique 

environment resulting from exposure to sulfuryl chloride. 

The metallic Li (1 s) transition is visible throughout the exposure range 

studied. This suggests that reaction with S02CI2 results in a thin passivating 

product layer within this low exposure region. A plot of the Li+ flit ratio as a 

function of S02CI2 exposure is given in Fig. 4.28. Areas were determined by 
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Figure 4.26 Li (1 s) spectra with S02CI2 exposure: (a) 0 L; (b) 1 L; (c) 3 L; 
(d) 9 L 
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Figure 4.27 High resolution U (1 s) spectrum for 3 L S02CI2 exposure 
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using a combination of symmetric Gaussian peaks in conjunction with 

constrained peak parameters for the metallic U (1s) lineshape. No attempt was 

made to isolate individual product transitions due to low resolution and 

insufficient data point density. The goal was to distinguish between and 

account for the product versus metallic lithium. The ratio undergoes a region 

of increase and abruptly plateaus at 6 L This ratio only increases by ca. 10% 

for exposures 1 04 times greater than 6 L. This plateau is indicative of a 

decrease in surface activity with increasing product formation, as observed for 

802. Direct comparison of ratio values is difficult due to the use of different 

sources for these two studies and little knowledge of IMFP values. However, 

the use of a Mg source with 802CI2 versus an AI source for 802 should favor 

a greater ratio value at a similar extent of oxidation. The ratio values within this 

plateau region are slightly less than those for 802 (Fig. 4.10) indicating a less 

extensive degree of oxidation and a thinner surface product layer with 802C12. 

One of the predominant products of this reaction between lithium and 

sulfuryl chloride is a surface chloride. The CI (2PS/2) and (2P1/2) transitions for 

1, 3, 9, and 25 L of 802Cl2-collected at moderate spectrometer resolution with 

a 300 W Mg (Ka) source are shown in Fig. 4.29. Fitting the resulting envelopes 

yields pOSitions for the 2PS/2 and 2P1/2 transitions of 202.01 ± 0.06 eV and 

203.71 ± 0.05 eV, respectively. The energy difference between these final state 

configurations is 1.71 ± 0.03 eV. The 2PS/2 to 2P1/2 peak area ratio is 1.97 ± 
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Figure 4.29 CI (2p) spectra with S02CI2 exposure: (a) 1 L; (b) 3 L; (c) 9 L; 
(d) 25 L 
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0.06 which is close to the expected 2:1 value. The CI (LW) x-ray induced 

Auger spectrum is shown in Fig. 4.30. The parent LW transition occurs at 

1075 eV (BE) which yields an Auger parameter [153] of 380.6 eV (vs. the 

2PS/2)' This value correlates well with the values reported for bulk alkali halides 

[154]. The reproducibility of the CI (2p) position and variation in signal intensity 

independent of sulfur and oxygen further support the presence of a surface 

chloride. 

The surface concentration of chloride increases with exposure to sulfuryl 

chloride. Figure 4.31 shows the results of the CI (2p) total peak area plotted 

against the exposure of S02CI2' There is a near-linear region of chloride signal 

increase which extends up to 3 L The slope decreases beyond this pOint and 

plateaus at a value of 6 L. This first transition region at 3 L may correspond 

to the product monolayer formation point. Re-examination of Fig. 4.28 shows 

the U+ JUt ratio to be ca. 0.4 at this point. This value compares favorably with 

the previously discussed cases of H20 and H2S which gave values of 0.40 and 

0.48, respectively, for monolayer formation with a Mg source. Some differences 

should exist in these values given variations in U+ concentration within the 

product layer and scattering mechanisms. Additional support for this monolayer 

transition point will be given when considering the surface oxygen and sulfur 

responses. The higher exposure transition region coincides with the abrupt 

change in the Li+ JLit ratio. The reaction of lithium and sulfuryl chloride begins 
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to limit at exposures approximately twice that necessary to form a product 

monolayer. 

Three forms of sulfur are present on the 502Cl2-reacted lithium surface 

as with exposure to 502. The 5 (2p) transitions for 1, 3, 9, and 25 L 

exposures of 502CI2 collected at identical conditions as the CI (2p) are shown 

in Fig. 4.32. Fitting these transitions as with those taken following 502 

exposures yield positions of 163.51 ± 0.06 eV, 167.9 ± 0.1 eV, and 170.56 ± 

0.07 eV. Energy separation between the higher BE forms of sulfur and the 

lowest form are 4.4 ± 0.1 eV and 7.05 ± 0.06 eV, respectively. This sequence 

is reminiscent of that observed for 502. The order of formation of sulfur 

species is also similar. The low BE form is consistent with the formation of 

sulfide. Comparison of the energy separation between this low BE 5 (2p) and 

the lowest BE ° (1s) with the sulfide and oxide observed with 502 exposed 

surfaces yields a difference of 0.07 eV. This difference is well within the allowed 

uncertainty as dictated by the reported standard deviation values.' This result 

leads to viewing the product windows shifted to higher BE positions due to a 

change in chemical environment with the presence of chloride. This is 

consistent with the observation of a broader U+{1s) envelope as discussed 

previously. The intermediate BE form of sulfur is consistent with the 502{ads) 

form observed with 502 judging from its displacement from the sulfide 

transition. The presence of a S02(ads) form makes sense in light of the fact 
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Figure 4.32 S (2p) spectra with S02CI2 exposure: (a) 1 L; (b) 3 L; (c) 9 L; 
(d) 25 L 
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that once stripped of its chlorine ligands, S02CI2 would yield a S02 fragment 

in the immediate vicinity of the surface. The highest BE form of sulfur is 

positioned 0.1 eV higher in BE than the sulfite product observed in the S02 

reaction. This difference may be explained also in terms of a change in local 

chemical environment. 

The product formation curves for surface sulfur show a general similarity 

with those obtained with S02 exposure. These curves are shown in Fig. 4.33. 

The sulfide trace shows a region of near-linear increase extending up to 3 L. 

Sulfide formation undergoes a transition region above 3 L, reaching a maximum 

value at 6 l. A decrease in the sulfide contribution occurs with exposures 

greater than 12 L. This 3 L transition point coincides with the product 

monolayer point discussed previously. Secondary forms of sulfur are present 

at sub-monolayer product coverages, but account for less than 20% of the total 

sulfur. Significant increases in formation rate (per unit exposure) are visible as 

the monolayer transition point is approached. S02(ads) is preferentially formed 

throughout this region relative to sulfite. The S02(ads) signal plateaus at 

exposures greater than 6 L. The sulfite contribution exceeds that of S02 at 6 

L and plateaus as 12 L exposures are approached. An estimation of the 

sticking coefficient for S02CI2 on lithium can be made by assuming that a 

crystalline stoichiometric LiCI/Li20/Li2S layer forms using a weighted averge of 

physical constants. The method of Section 3.2 yields a value of 0.36 
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(correcting for initial surface oxygen). These results indicate that 802CI2 has 

a greater initial sticking coefficient on clean U relative to 802 (0.28). 802(ads) 

forms more predominantly and sulfite plays a less significant role with 802C12. 

The overall formation of secondary forms of sulfur is less extensive than 

observed with 802' 

The surface oxygen response further demonstrates the similarity and 

differences between the reactions of 802CI2 and 802' Figure 4.34 shows the 

° (1s) spectra collected for 1, 3, 9, and 25 L of 802CI2 exposure collected 

under those conditions described for the CI (2p) region. Two transitions are 

visibly resolved and positioned at 531.40 ± 0.09 eV and 534.5 ± 0.2 eV. The 

greater uncertainty reported for the latter transition is the result of a lack of 

resolution betwE1en oxygen associated with adsorbed sulfur dioxide and sulfite. 

Changes in the envelope width are visible as a result of a varying relative 

surface concentration of these species. The product formation curves for 

oxygen are shown in Fig. 4.35. The oxide signal shows a region of near-linear 

increase extending up to 2 L. This signal reaches a maximum of 3 Land 

proceeds to decrease to ca. 75% its maximum value at 12 L. The secondary 

oxygen signal has a characteristic sigmoid shaped response with a region of 

maximum increase from 2 to 4 L. The general shape tracks the secondary 

sulfur response of Fig. 4.33. This secondary oxygen signal plateaus at 
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Figure 4.34 0 (1 s) spectra with S02CI2 exposure: (a) 1 L; (b) 3 L; (c) 9 L; 
(d) 25 L 



-:i 2.0 • ca 

<C 
LIJ 
a: 
<C 

~ 
<C 

1.0 w 
Q. 

en .,.. 
0 

.~D 
,/" 

III 

./ 
o ....- -0 -e It lO. /-II~ 

I
" "0 ".~ I -----" 

o 
I 

o 

/ 
,0 m/ 

III .... 
a .... ... 

0/ 

11/ 

"iii 
iii 

2 4 6 
EXPOSURE III 

8 

Figure 4.35 Oxygen uptake with S02CI2 exposure 

so~- + 802 

III 

0 2-

• 

10 12 

I\) 
cu 
.J:>. 



235 

exposures in excess of 6 L. This limiting behavior is consistent with that 

observed for surface chlorine and sulfur. 

Close examination of these product formation curves support the idea 

of complete dissociation of S02CI2 at sub-monolayer product coverages. 

Comparison of the initial slopes for the chloride, oxide, and sulfide uptake 

curves yield a cr:02- ratio of 1.1, an 02-:S2- ratio of 2.2, and a Cr:S2-ratio of 

2.4. These values are in reasonable agreement with the expected product ratio 

given by the following reaction: 

These ratios are also consistent with the appearance of small quantities of 

secondary forms of sulfur and oxygen at sub-monolayer coverages. The cr 

:02-and cr:s2- values show a slight enhancement in chloride as expected. 

Ratios of secondary oxygen to sulfur range from 3.5 to 1.7 passing through the 

monolayer transition region and extending up to the low exposure reaction limit. 

These values are similar to those obtained over the same range of surface 

coverage for S02 and are in agreement with the presence of sulfite and 

S02(ads). 

High pressure exposures of sulfuryl chloride show signs of favored 

surface chloride formation. The total chlorine, oxygen, and sulfur peak areas 

are plotted in Fig. 4.36 in semi-logarithmic format as a function of S02CI2 
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exposure. Exposures up to 120 L show only slight changes in the individual 

signals. Beyond 120 L, the chloride signal undergoes a 50% increase with 

oxygen and sulfur signals decreasing by 25% to 30%. Evaluation of the 

absolute Li (is) product peak area values show no increase in the extent of 

oxidation over this exposure range (120 to 120,000 L). The Li (1 s) envelope 

shows a shift in spectral intensity toward higher BE with these higher 

exposures. A discrete transition centered at 58.3 eV becomes visible as 

exposures approach the millitorr level. This is shown for a 120,000 L expOSl.!re 

in Fig. 4.37. No additional Iineshape changes in the chlorine, oxygen, and 

sulfur regions occur to indicate changes in product identity. This change in the 

Li (is) Iineshape along with the increase in chlorine signal and decrease in 

oxygen and sulfur signals indicate that the film becomes progressively chloride

rich at high pressure S02CI2 exposures. Comparison of the peak separation 

between the discrete Li (1 s) transition and the CI (2P3/2) with that for LiCI [154] 

does not yield good agreement. This lack of correlation indicates that a 

discrete, polycrystalline LiCI layer has not yet formed under these conditions. 

This trend toward favored chloride formation under more severe exposure 

conditions may parallel the observed growth of chloride films in S02CI2 and 

SOCI2 solutions [32]. 
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Figure 4.37 High resolution Li (1 s) spectrum for 1 millitorr, 300 sec exposure to 
S02CI2 



CHAPTER 5 

REACTIONS OF CLEl\N LITHIUM SURFACES WITH ACETONITRILE, 

PROPYLENE CARBONATE, AND TETRAHYDROFURAN 

239 

Polar parotic solvents are of interest to the high energy density battery 

community for a variety of applications. These solvents represent suitable 

media for the dissolution of a solvated catholyte, electrolytic media for solid 

cathode systems, and that for supporting secondary (rechargeable) cell activity. 

All of these systems must provide stability for the lithium anode. The first stage 

of understanding the relative stability of lithium in these solvent environments 

involves understanding the reactivity with a clean lithium surface. Since these 

solvents have appreciable vapor pressure, this can be done in the low pressure 

limit of ultra-high vacuum. 

Acetonitrile, propylene carbonate, and tetrahydrofuran represent three 

solvents of particular interest. Acetonitrile is used extensively in the Li/S02 

system as was previously described (Section 1.2). It has an inherently high 

reactivity toward lithium on its own. It is generally accepted that S02 

passivates the lithium surface to further reaction with acetonitrile [32]. 

Propylene carbonate has been added to the SO~CH3CN cells as a co-solvent 

and is thought to help in anode passivation [50]. Propylene carbonate has 

found extensive application in solid cathode cells. Several studies have 

addressed the electrochemical, physical, and optical properties of films formed 

----------------- ----- -----
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on lithium anodes with immersion in propylene carbonate [32, 82, 83, 156, 166, 

169]. The reactivity of propylene carbonate with clean lithium is apparently 

much less than that of acetonitrile, and film growth is slow. This solvent has 

not found significant application in secondary cells due to poor anodic cycling 

capability [157]. Tetrahydrofuran showed initial promise as a secondary cell 

solvent [87, 158]. Recent developments point to the used of methylated 

derivatives which show enhanced cycling capability of the cell [88, 159, 160]. 

The proposed chemistry of these solvents is reviewed in Section 1.3. 

This chapter addresses the reactivity of these solvents, in the gas phase, 

at clean lithium surfaces. Acotonitrile is studied most extensively because of the 

primary interest in the SOiCHaCN system. This is further demonstrated in the 

electrochemical work of Chapter 6. Questions concerning the room 

temperature reaction with product identification are addressed. In addition, the 

thermal stability of product layers and additional activity on oxide surfaces is 

considered. Propylene carbonate and tetrahydrofuran are also studied. An 

attempt is made to distinguish between reaction with the solvent itself and the 

potential for contaminant water in the solvents to play a major role in the 

observed surface chemistry. These three solvents represent a wide range of 

oxidants extending from acetonitrile, which behaves in a fashion similar to the 

previous conventional oxidants, to tetrahydrofuran, which appears to be aided 

in its reactions by the presence of water. 
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5.1 Response to Acetonitrile 

lithium gives a unique spectroscopic response upon exposure to 

acetonitrile. li (1 s) spectra for 0, 8, 40, and 200 L are shown in Fig. 5.1. 

Pressures are corrected for ion gauge sensitivity toward CHaCN using a factor 

of 2.4 (vs. N2) based on a molecular polarizability model [165]. This data was 

collected with a 290 W AI (I<a) source at moderate spectrometer resolution (50 

eV pass energy). This source was used extensively throughout the solvent 

exposure experiments to eliminate spectral interference between a Na {KL1 ~,~ 

Auger transition at 956 eV (KE) and the C (1 s) transition. Loss of parent li 

(is) intensity coupled with suppression of the plasmon loss intensity is visible 

as reaction of the surface with CHaCN proceeds. However, the first bulk 

plasmon is still visible at 200 L, indicating a less extensive oxidant-surface inter

action than that observed for 02 or H20. The UO (is) peak area (see Section 

3.1) is plotted in Fig. 5.2 for 0 to 18 L of CHaCN exposure. This value under

goes a near-linear decrease up to an exposure of 12 L. Past this point, the 

value plateaus at a minimum value up to exposures of 18 L. Further decreases 

are observed beyond this range, indicating further reaction. The -In{NAJ value 

is 0.31 at 12 L using the area extrapolated to zero exposure (via least squares 

analysis) as the clean surface value. This value compares favorably with that 

observed for monolayer product formation in the 02 and H20 systems. 

The product li (is) transition is positioned ca. 2.7 eV higher in BE than 

the UO{1 s) transition. This is shown in the high spectrometer resolution scan 

of Fig. 5.3_fol" a 10 L exposure of CHaCN. The product envelope is broad 

----------- ~-
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Figure 5.1 U (1s) spectra with CH3CN exposure: (a) 0 L; (b) 8 L; (c) 40 L; 
(d) 200 L 
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Figure 5.3 High resolution Li (1 s) spectra with 10 L CH3CN exposure 
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despite this sizeable displacement and may be composed of several unresolved 

transitions. This restricts the ability to reasonably model the product Li (1 s) 

Iineshape. The product contribution was approximated with two Gaussian 

broadened Lorentzian envelopes of varying position and intensity in an attempt 

to explore the relationship between surface product and metal underlayer. The 

resulting u+ /4 plot is shown in Fig. 5.4. As expected, this ratio response with 

exposure shows all of the same features as exhibited in Fig. 5.2: a region of 

signal increase (vs. decrease), a major slope change, and an eventual 

maximization (vs. minimization) of the value. Comparison of the plot of Fig. 5.4 

with a similar plot for the H20 system (Fig. 3.19) shows that the U+ JUt ratio at 

a product monolayer is significantly less for CHsCN than for H20 (0.3 vs. 0.4, 

respectively). This difference can be explained in part by the differences in 

surface product formed with each of these oxidants and will be discussed 

shortly. Changes within the U (1s) region are observed beyond this region, but 

they are due to contaminant effects to be discussed later. These observations 

indicate that the interaction with CHsCN is limited to monolayer product 

formation at low level (short time) gas phase exposures. 

Surface nitrogen is visible as a result of acetonitrile exposures. Figure 

5.5 shows the N (1 s) spectra for 2, 8, 40, and 200 L of CHsCN. A transition 

centered at 401.5 ± 0.1 eV is the predominant feature in this window. A 

second feature displaced by ca. 4.0 eV to lower BE values is visible with 

increased exposure. The intensity of this feature is less than 10% the primary 

N (1s) and remains in approximate proportion to the primary transition 

throughout the lower range of exposure. It becomes attenuated at greater 
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Figure 5.5 N (1s) spectra with CH3CN exposure: (a) 2 L; (b) 8 L; (c) 40 L; 
(d) 200 L 
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exposure levels than displayed. This is not the result of the Ka3,4 satellite 

because of its position and intensity. The product formation curve for the 

primary N (1 s) transition over. the low CH3CN exposure region is shown in Fig. 

5.S. The total integrated 0 (1s) signal is included as a test of the purity of the 

CH3CN (H20 is a suspected contaminant). The two data sets are corrected 

for cross-section and analyzer transmission function to allow for direct 

comparison of surface nitrogen and oxygen. The initial level of oxygen at the 

surface can be characterized using the H20 data of Chapter 3. This method 

gives a value of ca. 5% of an oxide monolayer. No surface nitrogen was 

detected on the initial control surfaces exposed to the ambient vacuum 

environment. The N (1 s) signal goes thrC?ugh a region of gradual increase up 

to an exposure of 12 L. The signal begins to limit at exposures greater than 

this level. This behavior is similar to the inverse of the UO (1 s) response. The 

total oxygen signal shows no significant change over this exposure region. The 

oxygen signal is ca. 15% that of the surface nitrogen at 20 L. This indicates 

either the lack of H20 in the CH3CN used or the preferential reaction of 

CH3CN. 

Water is most likely present in the acetonitrile at low levels (ca. < 50 

ppm). Evidence for this is given in Fig. 5.7 where the extended product 

formation curve of nitrogen is shown. This plot gives the N (1s) peak area 

from 0 to 200 L. Further increases in surface nitrogen are observed at ca. 20% 

of the original low level increase. The surface oxygen shows a threefold 

increase over low exposure levels with the first significant increases occurring 

at exposures above 50 L. The oxygen reacts to form predominantly the oxide. 
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Oxide formation shows up in the Li (1 s) spectra over this higher exposure 

range. It causes large scale changes in the Li+ (1 s) region and the further 

attenuation in the Lio (1 s) transition as described previously (Sections 3.2 and 

3.3). 

Two forms of surface carbon result from the interaction of acetonitrile at 

a lithium surface. The C (1 s) spectra for 2, 8, 40 and 200 L of CH3CN 

exposure are shown in Fig. 5.8. Two individual transitions are resolved, 

centered at 285.44 ± 0.07 and 287.85 ± 0.09 eV. This yields a C (1 s) peak 

separation of 2.41 ± 0.09 eV. It is the lower BE form of carbon which initially 

predominates. At exposures greater than 40 L, the lower BE transition begins 

to decrease in intensity relative to the high BE transition. As a result, it appears 

as if the high BE C (1 s) transition is correlated with the primary N (1 s) 

transition. The peak separation value for these transitions is 113.6 ± 0.1 eV. 

This compares to 114.0 eV reported for KCN on a platinum substrate [161]. 

The surface product most closely resembles LiCN with residual surface 

hydrocarbon fragments. The interaction of CH3CN at a metallic lithium surface 

apparently results in breaking of the C-C bond and the formation of a lithium 

cyanide product and a surface-hydrocarbon complex. 

The product formation curves for surface carbon are shown in Fig. 5.9 

and Fig. 5.10 for the low and high exposure regions, respectively. The total 0 

(1s) signal has also been included for comparison. The initial (0 L), low BE C 

(1s) signal is approximately twice the intensity of the initial 0 (1s). This was 

unusually high for the lithium foils used· in the experiments described throughout 

this dissertation. This initial carbon appeared to be distributed throughout the 
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Figure 5.8 C (1s) spectra with CH3CN exposure: (a) 2 L; (b) 8 L; (c) 40 L; 
(c) 200 L 



4+ 0 0 

0 

411 -• 3! :J 
• 

(U 

• 

-
G 

G 
0 III 

0 

III 
iii 

iii 

ct 

2! W 
IX: 

CI • iii 
III 

<iC 

III III 

II 

0 
0 

III 

III 

~ 
II 

<3: 0 

W 
Il.. 1 

III 

... m 

6 6 a 6 a 

o 5 10 15 

EXPOSURE III 
Figure 5.9 Carbon uptake with low CH3CN exposure 

• • • 

a • 
II 

• 
CCH 

X 

III 

CCN-

.Ot 

20 

I\) 
01 
(.0) 



41"' 
It 

It 

G 

- ! ... . 
:lI . 
«J 3 Om -
<l 

I!I 

• W u 

a:: 
2 « ,llJ 

~ II 

<C 0 

W 1 0.. II 

A A AA 

o 

G 
0 

III 

III 

A 
4& 

0 
III 

III 

A .. 

100 

EXPOSURE III 

Figure 5.10 Carbon uptake with moderate CH3CN exposure 

III 

EI 

A 

Ot 

III 

CCN-

• 
CCH x 

200 

I\) 
01 
~ 



255 

foil, as subsequent abrasion of the surface followed by immediate analysis gave 

this reproducibly high level. The C (1 s) curves mimic that of the N (1 s) 

response in the low exposure region « 40 L). The C (1s) area of the surface 

hydrocarbon leads that of the cyano-carbon by ca. 30%. The peak area values 

for total carbon to nitrogen averages 2.7 ± 0.2. The ratio for the cyano-carbon 

to nitrogen is 1.2 ± 0.1 which compares favorably to the anticipated value of 

1.0. As exposures reach 50 L, contribution of the surface hydrocarbon begins 

to decrease with increasing exposure. This decrease is correlated with the 

increase in surface oxide. The cyano-carbon continues to increase in a 

approximate 1: 1 ratio with nitrogen. The fact that a decrease in the surface 

hydrocarbon is correlated with an increase in surface oxide from contaminant 

H20 suggests that the secondary carbon is removed from the surface as a 

hydrogenated species. As H20 dissociates at the surface, surface hydrogen 

may be scavenged for the formation of a low molecular weight hydrocarbon 

which then desorbs. This reaction scheme may be written as follows: 

U + CH3CN -. UCN + CH3(ads) 

2U + H20 -. U20 + 2H(ads) 

CH3(ads) + H(ads) -. CH4(g) 

The possibility of methyl fragment diffusion at the surface and reaction amonst 

itself must also be considered, especially at higher temperatures. Additional 

reactions to be considered are as follows: 



2CH3(ads) - C2H6(g) 

CH3(ads) -. CH2(ads) + H(ads) 

2CH2(ads) -. C2H4(g) 
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Methane and ethylene have been observed in solution phase reactions with 

lithium [82]. Similar observations have been made within the CH3CN/Ni and 

CH3CN/Pd systems [162, 164] and for a variety of transitions metals exposed 

to CH3CI [163]. A surface hydroxide product does not appear until millitorr 

pressure exposures where only trace levels of the hydrocarbon are detected. 

The product layer formed is thermally unstable. The surface/hydrocarbon 

complex appears to be the most susceptible to further change at the surface 

under constant x-ray source illumination. This effect is shown in Fig. 5.11 

where C (1 s) and N (1 s) peak areas are plotted over a 70 minute period of 

continuous source exposure for a surface exposed to 20 L. The low BE 

carbon signal decreases by 34% with a 16% increase in the high BE signal, 

producing a net decrease of 10% in the total carbon signal. The nitrogen 

Signal undergoes a 10% increase from 0 to 70 minutes. Oxygen also adds to 

the surface (via H20 in the ambient vacuum environment) as an oxide with a 

50% increase over its initial level (see Figs. 5.6 and 5.9). The cyano-carbon 

and nitrogen remain in approximate constant proportion to one another. 

Differences may be the result of the fitting model used for a large scale 

changes in an unresolved envelope (C (1s)). The increase in cyanide related 

signals appears to be the result of restructuring of the surface layer. 
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The fact that these spectral changes are due to source heating versus 

photo-degradation can be demonstrated by sample heating with intermittent 

analysis. The results of a 20 L exposed surface heated to 70° C over a 90 

minute period are shown in Fig. 5.12. The C (1s) and N (1s) spectra are 

shown for 0, 35, and 90 minute periods. The initial changes in the spectra (not 

shown here) are identical to those generated by constant x-ray source 

illumination. However, longer times and higher temperatures favor the 

conversion of cyano-carbon and nitrogen to more reduced forms. The pOSition 

of the low BE N (1 s) transition which appears with heating (ca. 398.0 eV) is 

consistent with the low level shift in intensity observed above for constant 

source heating. The surface hydrocarbon is severely attenuated with a 

decrease in the cyano-carbon. There is also a more reduced form of carbon 

which is visible at 35 minutes. Close inspection of the data collected during 

continuous x-ray source heating also indicates the presence of increased 

intensity in this region. These two processes appear to generate the same 

trends to different degrees. This relationship was also demonstrated in the 

Li/S02 system of Chapter 4. These findings give additional support to the 

mobility of lithium at the product layer/metal interface. 

High level exposures of lithium to acetonitrile show additional formation 

of the cyanide product. H20 also plays a more significant role at 0.1 to 1 

millitorr exposure pressures. At these levels, the low BE components of both 

the C (1s) and N (1s) spectra are essentially eliminated. This is coupled with 

the formation of a surface hydroxide product. Surface oxygen plays an 

increasing role as the exposure pressure is increased. The clean surface is 



BINDING ENERGY. eV BINDING ENERGY. eV 
407 404 401 3'98 395 293 290 287 284 281 

Figure 5.12 Changes in C (1 s) and N (1 s) spectra with sample heating: (a) 0 min; (b) 30 min; (e) 90 min 
after temperature ramp initiation [ T max = 70De in 90 min] l\) 
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simultaneously exposed to both CHaCN and H20 in these experiments. Given 

a constant surface oxygen concentration at low exposures « 50 L), the 

cyanide product layer forms first due to the lower partial pressure of H20 

« 1 O·a that of CHaCN given the relative sensitivity of XPS for a high 

cross-section transition). This allows for a view of H20 interacting at the 

cyanide surface. Increases in surface oxygen become larger than those of 

carbon and nitrogen at higher pressures. This suggests that the product layer 

is passivating toward further gas phase CHaCN reaction but not toward the 

reduction of H20. 

This product layer passivation generates an additional concern of how 

CHaCN might interact through an existing oxide layer. Pre-exposures of 30 L 

of 02 followed by 20 L of CHaCN show both the cyanide product and the 

hydrocarbon fragments. The cyanide surface concentration was ca. 5 fold less 

than that for a 20 L exposure with no pre-exposure. The surface hydrcarbon 

accounts for less than 33% of the total surface carbon. The cyano-carbon/ 

nitrogen ratio increased by 30% to 40% indicating that the product was 

distributed into the oxide layer or at the metal/metal oxide interface. Assuming 

linear growth rates of the oxide with pressure, this oxide layer thickness would 

correspond to 5 to 6 monolayers. This process most likely represents CHaCN 

diffusing into a permeable oxide layer at a suitable distance from the surface 

to undergo reduction. This process may become less feasible as the oxide 

layer grows in thickness or as the reaction of H20 with the oxide begins to 

compete. 
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5.2 Response to Propylene Carbonate 

Lithium undergoes limited reaction with gas phase propylene carbonate 

at low pressures'. The response of the Li (1 s) transition to 0, 1.3, 2.6, and 5.7 

L of CaH6COa is shown in Fig. 5.13. This data was collected with a 290 W AI 

(Ka) source at moderate spectrometer resolution. A nude ion gauge sensitivity 

of 4.7 (vs. N2) is assumed for CaH6COa, based on a molecular polarizability 

model [165]. The most striking result in the Li (1 s) window with exposure is 

the observation that suppression of plasmon loss intensity is not coupled with 

attenuation of the parent Li (1 s). In fact, the Li (1 s) area decreases less than 

10% over the first 5.7 L of exposure. A discrete product peak is not visible in 

these spectra. The decrease in intensity of the first bulk plasmon peak (relative 

to the clean surface) is approximately equal to that observed for the product 

monolayer condition with CHaCN exposures. This indicates that a surface layer 

is forming. Further evidence for this can be found by monitoring the low KE 

Na (1 s) transition for the first 2.6 L of exposure. A plot of the Na (1 s) area 

versus exposure is given in Fig. 5.14. This value decreases in a near-linear 

fashion for the first 1.5 L It reaches a minimum value of less than 5% the initial 

value at 2.3 L As a result, the product peak must be superimposed on the UO 

(1 s) envelope. The superposition of the metal and product transitions coupled 

with minimal losses in the Li (1 s) envelope intensity indicate incorporation of 

lithium within the adsorbed product layer, but not to the extent of ionic bond 

formation. 
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Figure 5.13 U (15) spectra with C3HsC03 exposure: (a) 0 L; (b) 1.3 L; (c) 2.6 
L; (d) 5.7 L 
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The surface C (1 s) spectral response indicates the formation of a 

chemically unique product layer. The C (is) spectra for 0.9, 1.3,2.6, and 5.7 

L exposures of C3H6C03 are shown in Fig. 5.15. A predominate C (1 s) 

transition is centered at 287.5 ± 0.1 eV. A second feature appears displaced 

ca. 3.0 eV lower in BE. . This feature remains at ca. 11 % the intensity of the 

primary C (is) throughout the lower exposure region. The tailing visible at the 

high BE side of the C (1 s) also shows up in the 0 (1 s) spectra. The relative 

intensity of these envelopes indicates that the greatest changes occur at the 

lower exposures with only minimal changes at exposures of 2.6 and 5.7 L. The 

product formation curve for carbon is shown in Fig. 5.16. The C (1 s) peak 

area values are plotted over the first 5.7 L of C3H6C03 exposure. The carbon 

signal shows a near-linear region of increase up to exposures of 1.5 L. The 

signal limits at a maximum value above this level. This response is the mirror 

image of the sodium response of Fig. 5.14. Further increases in surface 

carbon signal were observed but only at levels 2 orders of magnitude greater 

than the highest exposure of Fig. 5.16. 

The surface oxygen response tracks that of the carbon. The 0 (1 s) 

spectra for 0.9, 1.3, 2.6 and 5.7 L of C3H6C03 exposure are shown in Fig. 

5.17. Two transitions occur centered at 532.67 ± 0.07 and 530.39 ± 0.06 eV. 

The high BE side of the 0 (is) window shows a similar tailing as with the C 

(is). However, in the oxygen case its appears to be more enhanced. The 

relative intensities of these peaks show the same trend as did the C (1 s) peaks. 

The peak area ratio of the two oxygen transitions is 2: 1 in favor of the more 
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Figure 5.15 C (1 s) spectra with C3HsC03 exposure: (a) 0.9 L; (b) 1.3 L; (c) 2.6 
L; (d) 5.7 L 
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Figure 5.17 0 (1 s) spectra with C3HsC03 exposure: (a) 0.9 L; (b) 1.3 L; (c) 2.6 
L; (d) 5.7 L 
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electropositive form. The spectrum obtained for 0.9 L appears distorted. This 

results from the overlap of the ° (1s) envelope and an x-ray induced Na 

(KL1 ~,~ Auger transition positioned at 531.3 eV with the AI (Ka) source. 

Spectral subtraction of this feature indicates an enhancement in the low BE 

form of oxygen at lower exposures. The carbon/oxygen total peak area ratio 

yields a value of 1.25 ± 0.07 ranging from 6 to 27 L exposures. The C (1 s) 

to ° (1 s) peak separation value is 245.2 ± 0.1 eV. This is close to that 

observed for a proposed carbonate surface product resulting from lithium 

exposed to CO2 [98]. However, the peak area ratios do not agree with the 

carbonate stoichiometry, nor does the lack of a discrete product Li+ (1 s) 

transition. 

These results suggest the formation of a unique surface environment 

relative to that anticipated from previously reported results [32, 82, 156]. 

Solution phase exposures of lithium to propylene carbonate indicate ring 

cleavage with the formation of lithium carbonate [84]. The simplest reaction 

scheme would involve formation of an alky/carbonate: 

CHaCH=CHOC02Li 
CaHsC03 -> 

Lio CH2=CHCH20C02Li 

The observed carbon/oxygen peak area ratio of 1 :25 within this study yields a 

stoichiometric ratio of ca. 4:3, suggesting that the molecule remains intact at the 

surface. The two ° (1 s) transitions may correspond to the ester and carbonyl 

oxygens. The 2: 1 peak area ratio found for these transitions supports this 

identification. The lack of resolved, multiple C (1 s) transitions for the individual 



269 

forms of carbon within the molecule may be explained in terms of a broader 

C (1 s) envelope. The observed half width for this envelope is 0.2 to 0.3 eV 

greater than that measured for the individual cyano- and aliphatic C (1s) 

transitions observed for CH3CN. Lack of core-level resolution has been 

observed for associatively adsorbed CHaCN at Ni and Pd surfaces [164]. The 

most likely arrangement for surface association of the propylene carbonate 

molecule results from interaction with the carbonyl moiety. The (.n*) molecular 

orbital of the C=O bond would be a suitable low energy receptor for the U (2s) 

valence electron(s). Donation into this orbital would weaken the multiple bond 

and shift electron density onto the oxygen atom, resulting in a core-level shift. 

This may be the source of observed resolution within the oxygen region. 

High level exposures of lithium to propylene carbonate produce further 

spectroscopic changes. Exposures up to 103 L show no additional increases 

in surface carbon and oxygen and no changes in the U (1s) window. As 

exposure pressures exceed 10-5 torr additional changes start to occur. Fig. 

5.18 shows the U (1 s) spectra col/ected for 6x1 02, - 6x103, and 6x104 L 

exposures. The parent 1 s envelope shows signs of broadening with decreases 

in intensity as exposures of 6x103 L are reached. High resolution spectra (Fig. 

5.19) indicate a broad product transition separated by ca. 1.8 eV from the metal 

transition. The origin of the feature appearing at ca. 69 eV in the 6x104 L 

spectrum is unknown. The displacement energy (from the product Li (1s) 

transition) coincides with that of a loss feature which appears in the C (1 s) 

spectra. However, the shape and intensity are Significantly different between 

these two cases. The corresponding C (1 s) and 0 (1 s) spectra are shown in 
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Figure 5.18 U (1 s) spectra with high C3H6C03 exposure: (a) 6x102 L; (b) 6x103 

L; (c) 6x104 L 
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Figure 5.19 High resolution U (1 s) with 6x104L C3H6C03 exposure 
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Fig. 5.20. More product has formed at the surface as is demonstrated by a 2 

fold increase in intensity in the C (1 s) region. Utile initial change occurs in the 

carbon region with the exception of a loss in intensity in the low BE region. 

The 0 (1 s) region shows significant attenuation in the relative contribution of the 

lower BE form of oxygen. However, the predominant 0 (1 s) envelope broaden 

by ca. 0.2 eV in half width indicating incorporation of several unresolved forms 

of oxygen. The total carbon-to-oxygen peak area ratios have increased slightly 

(ca. 12%) to favor carbon. This would be expected for a significant amount of 

electron scattering. 

These observations made for high level exposures of lithium to propylene 

carbonate suggest the growth of a less strongly interacting chemisorbed 

product layer. The appearance of a discrete product U (1s) transition is most 

likely due to relaxation effects with product layer growth as lithium becomes 

incorporated into a unique surface chemical environment. This is supported by 

slight shifts to higher BE of the C (1s) and 0 (1s) envelopes with additional 

layer growth. The decreased contribution of the low BE 0 (1s) transition is 

most likely the result of less extensive interaction of the carbonyl moiety with 

the lithium underlayer. Estimates of the product layer thickness must be based 

on the extent of surface coverage at an 2.3 L exposure. If the surface can be 

described as possessing a complete equivalent monolayer at this stage, then 

the product layer obtained at 105L would be less than 3 equivalent monolayers. 

The attenuation of the Na (1 s) signal excludes the possibility of limited regions 

of interaction at the surface. However, this does not exclude the possibility of 
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Figure 5.20 C (1 s) and 0 (1 s) spectra with high C3HsC03 exposure: (a) 6x102 L; (b) 6x103 L; (c) 6x104 L ~ 
(.,) 
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growth of the product layer from discrete regions followed by restructuring of 

the product layer to allow for additional chemisorption. 

5.3 Response to Tetrahydrofuran 

The reaction between lithium and gas phase tetrahydrofuran (THF) is not 

nearly as extensive as that observed for acetonitrile and propylene carbonate. 

At low partial pressures, it appears as if the presence of contaminant H20 is 

what is responsible for driving the reaction. No increase in surface carbon or 

oxygen is visible for exposures of less than 1.5x104 L (5x10-5 torr for 300 sec 

assuming a gauge sensitivity of 4.0 [165]). Evidence for reaction is observed 

above this level. Fig. 5.21 (a-d) shows the U (1s) spectra resulting from 6x104, 

8x104, 4x105, 8x105 L of THF, respectively. These spectra were collected at 

moderate spectrometer resolution with a 290 W AI (Ka) source. The familiar 

trends of oxidation are visible: attenuation of the parent Li (1s), coupled with 

b!'"oadening of this envelope and suppression of the plasmon loss intensity. A 

full order of magnitude pressure change, resulting in millitorr pressure 

exposures, produces only a thin product layer which appears to be limited to 

several monolayers. Examination of high resolution Li (1 s) spectra indicate a 

similar product distribution to the conventional oxidants (Le., 02 and H20). In 

this respect, THF contrasts rather markedly with the previous CH3CN and 

C3H6C03 systems. 

Evaluation of surface oxygen and carbon indicate a major role is being 

played by contaminant water. Fig. 5.22(a-d) show the 0 (1s) spectra collected 
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Figure 5.21 U (1 s) spectra with THF exposure: (a) 6x104 L; (b) 8x104 L; 
(c) 4x105 L; (d) 8x105 L 
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Figure 5.22 0 (15) speCtra with THF exposure: (a) 6x104 L; (b) 8x104 L; 
(c) 4x105 L; (d) 8x105 L 
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for this same set of four exposures. Two oxygen transitions are present 

centered at 530.8 ± 0.1 and 533.2 ± 0.1 eV, respectively. A 50 eV window for 

the 0 (1 s) region is shown in Fig. 5.23. Examination of the energy loss region 

yields a set of loss features which are similar to those of the surface oxide. 

The high BE oxygen transition is separated from the oxide peak by 2.4 eV. 

This value appears too small for that of hydroxide. However, extended source 

exposure indicate a similar conversion to oxide as was observed in the H20 

system (Section 3.3). The discrepancy in ~EO(1S) for 0 2- and OH- relative to 

the reference H20 system is most likely due to a combination of unresolved 

OH- versus THF product 0 (1 s) transitions (FWHM is only modestly broadened 

by ca. 0.2 eV relative to the 0 2-) and differences in chemical environment. The 

presence of a surface hydroxide due to contaminant H20 correlates with the 

excessive amount of oxygen at the surface relative to carbon as surface 

oxidation is first observed. 

This excess of surface oxygen is visible when a comparison of surface 

oxygen and carbon is made. The C (1s) spectra collected for the same set of 

exposures are shown in Fig. 5.24. Two carbon peaks are present centered at 

284.7 ± 0.1 and 287.7 ± 0.1 eV, respectively. These two forms of carbon are 

in an approximate 1: 1 ratio for exposures marking the first increase in surface 

carbon up to 8x104 L. The total oxygen/carbon peak area ratio below 8x104 

L is ca. 5:1 once the data is corrected for transmission function and 

cross-section values. Above this level, rapid increases in the carbon signal are 

observed with enhanced growth of the high BE 0 (1s). The carbon-to-oxygen 

peak area ratio at 8x105 L is ca. 2: 1. This ratio change for a seemingly thin 
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Figure 5.23 Characteristic oxide losses in the 0 (1 s) spectra with an 8x105 L 
THF exposure 
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Figure 5.24 C (1s) spectra with THF exposure: (a) 6x104 L; (b) 8x104 L; 
(c) 4x105 L; (d) 8x105.L 
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film indicates that the THF surface product is deficient in oxygen. The low BE 

carbon peak is at a position which is consistent for a hydrocarbon fragment, 

much like that observed of CH3CN. The high BE form is the dominant form of 

carbon at higher exposures. The absolute area of the low BE form decreases 

with increasing exposure. 

Water appears to be the initiating reagent in this reaction. Increases in 

surface oxygen and carbon are observed simultaneously. This suggests that 

some critical surface oxygen concentration is required prior to THF reaction at 

the lithium surface. As noted, the increase in carbon is significantly less than 

that of oxygen. This is most likely the result of the greater net reactivity of 

H20. This level of activity of H20 is not so surprising given the exposure 

pressure level. An oxide monolayer due to H20 exposure forms at 10 L This 

corresponds to 3x10-8 torr at 300 seconds. The results of Section 3.3 showed 

that tenths of monolayer levels could be distinguished, lowering the sensitivity 

for the presence of H20 acting at the surface an additional order of magnitude. 

This partial pressure (3x10-9 torr) only represents 10 ppm at 3x10-4 torr 

exposure level. This level of purity (w.r.t. H20) is reasonably good for polar 

aprotic solvents. The presence of surface carbon clearly affects further reaction 

of H20 at the surface limiting the overall extent of oxidation. The hydroxide 

species is in a unique chemical environment as is demonstrated by the smaller 

oxide/hydroxide ° (1s) shift. Continued reaction favoring the rapid increase in 

surface carbon versus H20 reduction indicates that the THF reaction is 

activated by the presence of surface oxygen, surface hydrogen or thermally via 

the heat of reaction dissipated into the near-surface region. Each of these 
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ideas may be explored individually by evaluating the reactivity of THF at an 

oxide surface, intentional spiking of the THF with H20 and by surface heating. 

5.4 Summary 

Acetonitrile, propylene carbonate and tetrahydrofuran vary in their extent 

of oxidation of a lithium surface and the types of products formed. Acetonitrile 

appears most like the traditional oxidants studied previously in Chapters 3 and 

4. CH3CN undergoes dissociation at the surface to form a cyanide and 

hydrocarbon fragments. Surface heating studies indicate that loss of the methyl 

fragment occurs presumably through surface migration and hydrogenation! 

dehydrogenation reactions to produce volatile methane and ethylene. Product 

layer growth is limited to less than 2 equivalent monolayers due to the 

passivating nature of the surface cyanide layer. Water demonstrates a 

significant ability to interact through this layer as a contaminant in the solvent. 

The initial product is the oxide presumably because carbon fragment 

hydrogenation shifts the emphasis toward completely deprotonating the H20 

molecule. This passivating property of the cyanide is similar to that observed 

for the sulfide surface described in Section 4.1 

Propylene carbonate demonstrates a high affinity for the lithium surface 

at low partial pressures without the expected formal oxidation of the surface. 

The product layer appears to result from associative chemisorption of the 

molecule. Subsequent layers (or fractions of layers) interact less extensively 

with the surface. This surface interaction is limited to lithium to the exclusion 
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of contaminant sodium within the bulk of the foils used. No evidence for the 

interaction of contaminant H20 with the surface was observed. This is either 

the result of much lower levels of H20 or sufficient passivation of the surface. 

Questions remain as to how the propylene carbonate molecule orients itself with 

respect to the surface, along with the three dimensional structure of a multi

layer surface film. This system represents the only case where the product 

species does not appear to be incorporated within the surface. 

Tetrahydrofuran shows an essential lack of activity at low to moderate 

partial pressures at the lithium surface. Surface reaction of THF is limited to the 

co-reaction of contaminant H20. This suggests that surface oxygen and/or 

hydrogen is responsible for the fragmentation of the cyclic ether. Attempts 

must be made to eliminate H20 altogether to verify that reaction is not possible 

at higher partial pressures. An analogous experiment would be the 

condensation of THF at low levels on lithium followed by surface heating to 

facilitate a high instantaneous surface concentration. The role of surface 

oxygen and hydrogen can be studied by sequential 02 or H20 exposures 

followed by THF exposures. 

These results indicate that clean lithium surfaces can be expected to 

react to the solvent vapor of acetonitrile and propylene carbonate. 

Tetrahydrofuran may only pose a problem in the presence of specific 

contaminants. Acetonitrile demonstrates an ability to interact through oxide 

layers of limited thickness. The results within this chapter clearly indicate that 

reaction at a lithium surface occurs prior to immersion of the anode. 
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ELECTROCHEMICAL INVESTIGATION OF THE ANODE SURFACE 

IN THE SULFUR DIOXIDE/ACETONITRILE SYSTEM 
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The previous studies have focused on the identity of product layers 

formed on lithium surfaces under a variety of gas-phase and solution 

conditions. The goal of this chapter is to integrate this information with that of 

the behavior of a lithium anode in its electrochemical environment. In this case, 

the sulfur dioxide/acetonitrile solvent system is the environment of interest. 

Electrochemical studies outside of this research group [68, 166] have focused 

on poorly characterized electrode surfaces in a variety of electrolyte systems. 

The underlying assumption in these studies has been that the initial lithium 

surface is either unreacted or that the reaction upon immersion will be the most 

predominate process. The chemical processes detailed in the last three 

chapters indicate that gas-phase reactions at the lithium surface can produce 

extensive surface oxidation and product formation. It is this product layer which 

mediates further surface reaction upon immersion and which potentially 

determines the future behavior of the anode/electrolyte interface [167]. 

Electrochemistry of controlled composition lithium surfaces can be 

conducted by coupling the "clean" ultra-high vacuum environment with an 

electrochemical cell. Clean lithium films (as defined in Chapter 3) can be 

prepared by evaporation in vacuum, followed by controlled exposure to a 
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desired oxidant. The UHV environment allows for the application of a variety 

of surface spectroscopic probes for surface chemical composition. 

Simultaneous surface analysis was not necessary for the following studies 

because of the ample reference system information supplied in the preceding 

three chapters. Once the electrode is introduced to the electrochemical 

chamber environment, further surface layer modification may occur depending 

on the surface precondition. This information is already available through the 

previous control experiments of Chapter 4. The electrochemical behavior of the 

anode can be correlated with surface layer composition with electrolyte 

immersion and immediate discharge. Comparison of electrochemical 

characteristics of the anode with extended electrolyte immersion can yield 

information on the extent of further interfacial reaction. 

The following experiments address the electrochemical behavior of a 

variety of surfaces. The reference surface, exposed only to the electrolyte 

vapor and the ultra-high purity argon atmosphere prior to immersion, is studied 

as a control for comparison purpose. The behavior of this surface is studied 

as a function of electrolyte immersion times up to 10 hours. The role of vapor 

phase 02 and H20 as pre-oxidants to the lithium anode are investigated under 

a variety of exposure conditions. These pre-oxidized surfaces are also studied 

as a function of electrolyte immersion times up to 10 hours. The effect of 

passing charge through the surface film is also explored. The results of these 

studies indicate a more significant effect of surface precondition for short-term 

immersion on the electrochemical discharge properties of the lithium anode than 

has been previously reported. 
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6.1 The Electrochemical Model 

The fundamental electrochemical experiment conducted throughout this 

chapter is based on a constant current chronopotentiometric measurement. 

This current-step experiment is governed by the current-overpotential or Butler

Volmer relationship [4] as given in Section 1.1. This can be rewritten for an 

oxidative process and for moderate overpotential values to give the Tafel 

equation: 

where rJ is the overpotential. This value is representative of the required 

potential to support a particular component of the faradaic current (oxidative in 

this case) beyond the equilibrium potential. This value can be expressed as 

a sum of a series of '1 values as follows: 

(6.2) 

The rJk term is the overpotential contribution for the dissolution of lithium at the 

bare metal surface, or the kinetic term. The concept of a bare or clean metal 

surface is inappropriate in the case of a reactive alkali or alkaline earth metal. 

The product layers formed from the reaction of lithium with its environment 

become a consideration in the electrochemical behavior of the interface. Figure 

6.1 shows an approximate model for the configuration of this type of interface. 

The surface layer must allow the transport of lithium ions to maintain an oxida

tive current. The ease of ion transport is reflected by the rJir term. In the event 
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Figure 6.1 Surface structure of an active metal anode in a corrosive 
electrochemical environment 
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that ion migration through this layer becomes the rate-limiting step in the 

electroactive process, 1]t becomes dominated by the 1]ir term. This case is 

observed for the selid electrolyte interphase (SEI) systems for lithium, 

magnesium, and calcium after long-term immersion in a variety of electrolytes 

[68]. The concentration overpotential (1]c:J is the result of a changing interfacial 

concentration of the electroactive species. This term is not involved in the 

oxidation of a bulk metal due to the formal unit activity of the metal in the bulk 

phase. 

The Tafel equation predicts a linear relationship between the logarithm 

of the current density and the overpotential. In practice, empirical results do 

not yield extended linear relationships. One reason for this is that the back 

electrochemical reaction has an appreciable rate in the low field region (1] < ca. 

100 mV). This has the effect of decreasing the net current density, which 

results in a sharp drop as zero overpotential is approached. Extrapolation of 

the mid-field region (100 mV < 1] > 500 mV) of the Tafel plot (for metal 

dissolution) to zero overpotential yields the exchange current density 00 ). 

Ideally, this parameter is exponentially related to the activation energy for the 

electroactivity of a particular species, at a specific interface and within a given 

electrolyte medium. Realistically, the jo value obtained from a Tafel plot reflects 

the activation energy of the rate-limiting step for that overpotential region 

analyzed. For a metal surface coated with a semi-permeable product layer, the 

rate-limiting (current-limiting) step may become ionic migration through the 

product layer. The current-overpotential relationship can be rewritten in terms 

of solid ionic conduction as follows [168]: 
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i = 4zFanve-w/RT sinh(azFq/LRT) (6.3) 

where a is the half jump distance. v is the vibration frequency. and W is the 

activation energy for site-to-site jumping of the migrating ion within the matrix. 

n is the concentration of lattice defects Oump sites). and z is the valence of the 

migrating ion. A Tafel equation can be written for mid-field conditions as [6-5]: 

i = i eazFI7/LRT 
o 

where the exchange current (iO> is given by: 

i = 2zFavne-w/RT 
o 

(6.4) 

(6.5) 

As a result. the exchange current density for a specific ion will be a function of 

the number and type (in terms of energetics) of defect sites available to the ion. 

The Tafel slope is a function of the number of jumps necessary to traverse the 

film and is proportional to the film thickness. These values can be used to 

describe the nature of the film gel"!erated at the electrode interf~ce under a 

variety of conditions. This type of analysis has been applied to extensive film 

formation on lithium by Peled [171]. Moshtev [172]. and Delnick [174] in thionyl 

chloride and by Geronov [173] in propylene carbonate; Schager et al. [156] 

have pointed out the inconsistency in optical and electrochemical measurements 

of the passive layer thickness. This is in part due to the assumption of a 

compositionally and structurally homogeneous layer governing migration in the 

SEI model. Thevenin et al. [169] and Chenebault et al. [170] have presented 
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modified layer models which allow for a variety of conduction mechanisms to 

play a role in Li+ migration. 

6.2 Electrochemical Response of Reference Lithium Surfaces 

The electrochemical performance of a system can be affected by the 

presence of impurities. Subsequent analysis may be dominated by such an 

effect rather than the electroactive process of interest. An adequate test of the 

purity of the electrolyte is the ability to electrochemically deposit lithium at large 

negative potentials onto a suitable electrode. Figure 6.2 shows a cyclic 

voltammogram obtained from a nickel working electrode immersed in an S02-

saturated, 0.1 M LiCI/CH3CN solution. The potential was swept from -0.6 to -

3.6 V versus a Ag/AgCI04 pseudo-reference electrode using a platinum flag 

counter electrode at a rate of 10mV/sec. Upon return to -0.6 V, a second scan 

was initiated to +0.9 V with a final return to -0.6 V. Upon scanning to negative 

potentials, an increase in cathodic current occurs at -3.1 V over the background 

charging current. This current continues to increase after initiating the return 

sweep, reaches a maximum value and then decreases. Appreciable anodic 

current becomes visible at -2.8 V with a reasonably symmetric peak developing 

toward more positive potentials. Sweeping the potential to value positive of the 

reference electrode produces only charging current contributions out to +0.9 V. 

The features centered around -3.0 V are the result of deposition and stripping 

of several layers of metallic lithium at the nickel surface. Stepping the potential 

out to this region and allowing limited film growth results in stable long-term 
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Figure 6.2 Cyclic voltammetric response of a nickel electrode immersed in 
S02-saturated, 0.1 M LiCI, CH3CN versus Ag/AgCI04 at 10 mV/sec 
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open circuit potentials (absence of cathodic protection) of 2.9 V versus the 

reference electrode. This stability and the lack of any additional electroactivity 

across this potential window are good indications of the integrity of this 

electrochemical system. 

The first surface of interest is that of the "clean" or reference anode. The 

use of the term "clean" is entirely relative and, in this case, implies no intentional 

pre-exposure of the surface to an oxidant, with minimal time between surface 

generation, immersion, and discharge. Figure 6.3 shows the typical open circuit 

response of an evaporated lithium film immersed in the electrolyte in the "clean" 

state. tj corresponds to the time of immersion. The electrode potential versus 

the reference increases instantaneously to 2.8 V and continues to increase in 

a near linear fashion to 3.0 V over a 60-second time period. The gradual 

increase in potential is indicative of a non-equilibrium process upon immersion. 

This may be the result of the polarization due to corrosion of the lithium surface 

and/or electrolyte movement into a surface product layer resulting in U+ 

concentration changes at the interface. This Va.c. voltage contrasts with that 

of 2.9 V observed for electrodeposited lithium films (as described previously). 

Extensive oxidative discharge of the film brought about a more rapid maximizing 

of this initial D.C. value. After extended discharge (ca. 100 mC total anodic 

charge passed), this Va.c. value increases to 3.15 V. This value is 40 to 80 mV 

greater than that value observed for surfaces immersed in the electrolyte and 

allowed to equilibrate for several hour periods prior to discharge. 

A sample of the voltage-time response of a reference surface is given in 

Fig. 6.4. This data has been reproduced from an oscilloscope trace 
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Figure 6.4 Reference U anode discharge potential profile: (a) 0.16; (b) 0.27; 
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photograph. The horizontal axis is a total length of 50 seconds. The 

successive runs have been "stacked" on top of one another and follow the 

sequence of 0.16, 0.27, 0.54, 1.1, 1.6, 2.1, 2.7, 3.8, 5.4, and 6.4 mNcm2 of 

applied current, (a-j) respectively. The current step was applied for 10 seconds 

followed by a 15-second open circuit period. The overpotential was measured 

from the difference in potential just prior to the current step versus that 10 

seconds into discharge. The V o.c. value shows an increase over the first 

minute of immersion with 0.16 and 0.27 mNcm2 discharges. The magnitude 

of this increase is much smaller than previously reported due to a required 

several minute period of immersion to ensure a stable electrolyte level within the 

cell prior to initiating the experiment. V o.c. eventually reaches a maximum 

through the 1 to 10 mNcm2 discharge region. Current densities of 5.4 mNcm2 

and greater yield an additional increase in this value of 40 mV. The V o.c. value 

observed after the 5.4 mNcm2 discharge shows signs of recovery from this 

additional 40 mV level several seconds prior to the following 6.4 mNcm2 

discharge. This larger V o.c. value appears to be maintained for several minutes 

after 6.4 and 8.0 mNcm2 discharges yielding a final value of 3.15 V. 

The voltage profiles are reasonably constant with time with small 

deviations at the higher current densities. Discharge profiles of 6.4, 5.4, and, 

to a lesser extent, 3.8 mA/cm2 show an initial tailing of the 'YJ value with time. 

The return to open circuit shows a similar tailing of the potential with time. This 

additional polarization is most likely due to a slow return to steady state 

conditions because of limited U+ migration across the electrolyte/surface 

product layer interface. The relatively transient-free behavior observed for these 
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reference surfaces contrasts with that of the pre-oxidized and short-term 

immersed surfaces to be discussed below. 

The overpotential values of Fig. 6.4 can be used to study the dynamic 

behavior of the interface during discharge. The Tafel plot of a reference lithium 

surface is given in Fig. 6.5. The overpotentials are positive values resulting 

from an anodic process. These values have been sampled at 10 seconds after 

the application of the current step. The low field region (0 to 100 mY) shows 

the expected steep current voltage relationship near equilibrium. This is 

followed by a near-linear region extending from 100 to 400 mV where the 

anodic process dominates the net faradaic response. The response becomes 

significantly non-linear beyond 400 mY. The uncertainty in the 'YJ values is 

principally due to variations in immersed electrode area. This data represents 

the average of eight independent experiments conducted over the course of all 

of the experimental work described in this chapter. The error bars average 3.6 

± 0.8% of the 'YJ values. 

The response shown in Fig. 6.5 is not the typical Tafel behavior observed 

for the dissolution of a metal. The results of Geronov [173] for lithium 

dissolution in propylene carbonate and of Peled [175] for magnesium in thionyl 

chloride show linear regions extending over ca. 1 V after prolonged immersion 

and surface film growth (2 to 10 days). The response of Fig. 6.5 for short

term immersion indicates that a variety of mechanisms contribute to the overall 

current-limiting process of U+ ion mobility through the surface film. Direct 

application of equations 3.1-3.3 becomes ambiguous in light of multiple 

migratory mechanisms. In addition, the concept of an exchange current density 
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takes on a unique meaning. The jo value represents a combination of those 

values for contributing, rate-limiting processes. The jo value determined just 

above the reductive reaction limit (> 100 mV) should yield a maximum value. 

This is due to the fact that the additional polarization observed at higher current 

densities indicate added contribution from less facile transport mechanisms. 

This assumes that no changes occur in the transport properties of the film with 

the passing of charge. Sequential re-discharge of select reference films have 

shown no significant variation in 'YJ values ruling out the possibility of irreversible 

structural or compositional changes with passing of charge. This jo value 

represents a reference value for purposes of comparison for surface films of 

varying compositiqn. Linear least squares analysis of the 100 to 400 mV region 

of Fig. 6.5 yields a jo value of 0.61 ± 0.03 mNcm2. This value falls within the 

range of previously reported exchange current density values for lithium in a 

variety of electrolytic media [172, 173]. 

6.3 Electrochemical Response of Pre-Oxidized Lithium Surfaces 

The reference studies described above were conducted by minimizing 

the time between film preparation and immersion. These films were immersed 

within 5 minutes of transfer into the electrochemical chamber. Figure 6.6 shows 

the Tafel plot of a film allowed to sit directly above the electrolyte vapor for a 

90-minute period prior to immersion and discharge. Within the experimental 

uncertainty, this data overlays that of the reference films. The jo value is 0.58 

mNcm2, also within the allowed uncertainty for the reference studies. This 
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indicates that electrochemically significant surface contamination is rapid and 

limited in the gas-phase. This limitation is most likely imposed by chemical 

passivation of the surface. The responsible agent is probably S02 given the 

saturation of the electrochemical chamber walls with electrolyte. Both S02 and 

CH3CN were detected at trace levels with a quadrapole mass analyzer with the 

UHV chamber open to the electrochemical chamber during sample transfer. 

S02 is the more reactive and more volatile of these two species as previously 

demonstrated. 

6.3.1 Electrochemical Response of lithium Surfaces Pre-Exposed to Oxygen 

Pre-exposure of the lithium film to oxygen within the UHV environment 

allows for the exclusive formation of an oxide layer prior to exposure to the 

electrochemical chamber ambient atmosphere. The voltage-time response for 

the oxide surfaces show a greater degree of polarization at any given current 

density and more time variation at a given current density than those of the 

reference surfaces. Figure 6.7 (a-j) shows the response of surface pre-exposed 

to 3000 L of 02 and then subjected to the same constant current polarization 

as with the reference systems. The rJ values are substantially larger than those 

of the reference case (Fig. 6.3). Comparison of these values at an applied 

current density of 1.1 mNcm2 gives rJ = 280 mV for the oxide surface versus 

rJ = 120 mV for the reference surface. The voltage profiles are fairly constant 

with time up to current densities of 1.6 mNcm2. At this level of applied current, 

the rJ value decreases gradually over the 10-second period indicating the 
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Figure 6.7 Discharge potential profile for a 3000 L 02 pre-exposed Li anode: 
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development of more rapid discharge rates. The total change is ca. 30 mV 

during this transient decay. This transient is observed again at 2.7 mNcm2 

with a total decrease in tJ of ca. 60 mV. Further transient behavior is visible at 

applied current densities of 3.8 and 5.4 mNcm2, with smaller decreases in tJ. 

This same trend was observed for all experiments involving 02 pre-exposures 

with transients appearing at 1.6 or 2.7 mNcm2 applied current. Decreases in 

tJ to a new steady state value for all of these runs were limited to 60 mV or 

less. 

Evaluation of these pre-oxidized surfaces can be made by examining the 

resulting Tafel plots. The results of 300 to 3x105 L exposures of 02 (300 

second exposures) on the discharge characteristics of lithium anodes are 

shown in Fig. 6.8. The 11 values displayed are those sampled 10 seconds after 

current-step application. Comparison of these curves with that of the reference 

study (Fig. 6.5) show the extent of greater polarization due (in part) to surface 

pre-oxidation. The region of the current-voltage relationship most affected 

appears to be that extending from 100 to "400 mV. The tJ values at the higher 

current densities remain appreciably greater than those of the reference case 

by ca. 100 mV. These deviations in the tJ value exceed the experimental 

uncertainty (± 4%) established for the reference case. As a result, they 

represent a significant variation in the behavior of this pre-treated surface. 

Least squares analysis over the 100 to 400 mV region yields jo values ranging 

from 0.24 to 0.30 mNcm2 (see Table 6.1). Consideration of tJ values sampled 

at short times (Le., 1 second) has little effect on the resulting jo value because 

transient behavior is restricted to the higher current densities. 
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Table 6.1 

Effect of Lithium Surface Pretreatment on Exchange Current Density 

Anode Pretreatment jo (mNcm2) 

"clean" 0.62 

3x102 L 02 0.27 

1x103 L 02 0.30 

3x103 L 02 0.24 

3x104 L 02 0.28 

3x10s L 02 0.28 

3x104 L H2O 0.62 

3x10s L H2O 0.58 

3x106 L H2O 0.50 
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The results shown in Fig. 6.8 demonstrate that the effect of a surface 

oxide layer is to further impede the movement of U+ ions· across the 

electrode/electrolyte interface. However, the surface film of interest is that 

resulting from exposure of the oxide passivated surface to the electrolyte vapor 

and after short-term immersion in the electrolyte. From the discussion of 

Chapter 3, it is clear that even 300 L of 02 will result in an oxide layer thicker 

than the sampling depth of XP8 (30 to 60 A in this case). Exposure of the 

oxide to gas-phase 802 yields a partial sulfite product incorporated within the 

oxide. The extent of formation is a function of 802 partial pressure. This value 

is at a level of 10-4 torr for residual 802 in the electrochemical chamber prior 

introduction of the cell. This suggests that oxide modification is not extensive 

and occurs relatively slowly. With introduction of the electrochemical cell, 

electrolyte, and eventua! immersion, further product formation will be mediated 

by existing surface product layers leading to potentially slow modification or a 

reasonably stable surface film due to near-complete passivation. This contrasts 

with the case of a clean lithium film introduced to the electrochemical chamber. 

Upon interaction with 8°2, limited product layer formation occurs comprised 

principally of sulfite with sulfide and oxide. With introduction of the electrolyte 

and immersion, further reaction can occur to result in extensive sulfite formation 

without the mediating role of a thick oxide underlayer. This represents a more 

rapid surface modification and could lead to a more porous surface film. The 

differences in jo values observed to this point may be the result of differences 

in macroscopic film structure given similar layer compositions. 
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6.3.2 Electrochemical Response to Uthium Surfaces Pre-Exposed To Water 

Surface pre-oxidation with water show a significantly different response 

upon discharge than those pre-exposed to oxygen. Figure 6.9 shows the Tafel 

plots for lithium films exposed to 3x104, 3x105, and 3x106 L of H20. As before, 

the 'tJ values were sampled 10 seconds after initiating discharge. The response 

of the 3x104 L pre-exposed surface is not significantly different from that of the 

reference surface. A jo value of 0.62 mNcm2 results from least squares 

analysis over the 100 to 400 mV region. This value is in agreement with that 

of the reference surface. The 'tJ values increase at given current densities with 

increased H20 pre-exposure, indicating enhanced polarization. However, these 

'tJ values are significantly smaller than those of lower level pre-exposures to 02. 

jo values for the 105 and 106 L pre-exposed films are 0.49 and 0.41 mNcm2, 

respectively (see Table 6.1). These results indicate that a certain threshold pre

exposure of H20 and 02 may be limiting the oxide layer growth due to 

hydrolysis of the oxide in H20 exposures as discussed in Chapter 3. Thinner 

oxide layers may allow for more extensive sulfite formation in the vapor-phase 

and more rapid modification in solution. The role of hydroxide may not be 

critical given the migration of lithium and further reduction to oxide as discussed 

in Chapter 3. 

The water pre-exposed lithium surfaces do not show the same degree 

of transient 'tJ over potential behavior demonstrated by their 02 counterparts. 

The voltage-time response of a surface pre-exposed to 3x106 L of H20 is 

shown in Fig. 6.10. Transient decreases in 'tJ are observed at 2.7, 3.8, and 5.4 
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mNcm2 applied current. The maximum transient decrease is only ca. 10 mV 

in each case. This contrasts with 60 mV values observed for the 02 pre

exposed films. A similar trend in V o.c. increase from initial immersion to 

increasing current density discharge is visible. A relaxation of this value after 

the 5.4 mA/cm2 discharge is present with a permanent increase after the 6.4 

mNcm2 discharge indicating fluctuations in the interfacial U+ concentration. 

The results of these pre-exposure experiments tend to confirm the 

dominant role of 802 in surface film formation. The ultra-high purity argon 

used for pressurizing the electrochemical chamber contains part per million 

levels of 02 and H20. This represents partial pressures of these contaminants 

within the 0.1 to 1 millitorr range. These pressures correspond to the upper 

end of the exposure range for the pre-exposure experiments for two oxidants. 

The large scale changes in interfacial polarization observed for 02 and H20 

pre-exposures suggest a minor role if any for contaminant 02 and H20 once 

the surface has been exposed to residual 802 vapor in the electrochemical 

chamber (estimated at 0.1 millitorr) or in tandem with the electrolyte vapor. 

Exposures of "clean" films to the electrochemical cell ambient or the electrolyte 

vapor followed by return to UHV for high level 02 or H20 exposures, show no 

greater degree of polarization than the reference surfaces. This is consistent 

with the results of Chapter 4 which show 802 as a good passivating agent for 

the lithium surface to further oxidation by 02 or H20. 
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6.4 Short-Term Anode Corrosion 

This investigation has been limited up to this paint with the discharge of 

the lithium anode immediately following immersion to this point. The initial films 

formed on gas-phase exposure followed by changes due to immersion have 

determined the properties of the interface. These studies do not address the 

eventual fate of the anode upon prolonged immersion. The electrochemical set

up (as described in Section 2.5) was not designed for long-term exposure to 

S02. As a result, maximum exposure times in the following experiments were 

limited to 10 hours. Longer exposure times resulted in signs of vapor-phase 

corrosion of the working electrode stage. This may become a problem if 

corroded product material becomes incorporated into the electrolyte. The 

presence of transition metal ions have been shown to aid in anode corrosion 

[78]. 

The results of prolonged electrolyte immersion indicate continued surface 

layer modification. The Tafel plots for "clean" lithium films immersed for 0.5, 1, 

3, and 10 hours are shown in Fig. 6.11. The" values displayed were sampled 

at 1 0 seconds into discharge. Immersion times of 0.5 and 1 hour yield a 

slightly more polarizable interface. The increased " values are not nearly as 

extreme as those observed for 02 and H20 pre-exposed films. The jo value 

has decreased from 0.62 to 0.57 mNcm2. The voltage-time profiles show no 

appreciable transient behavior. At an immersion time of 3 hours, the anode 

becomes significantly more easily polarizable. The" values are as large as 

those observed for 02 pre-exposur~s. The jo value has fallen to 0.25 mNcm2. 
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The voltage-time profiles show transient decreases in the 't/ value of ca. 20 mV 

for 1.1 to 5.4 mA/cm2 applied current. This coupled with the greater 't/ values 

at high current densities relative to the 02 pre-exposed films, suggest a greater 

role of polarization due to limitation on U+ ion migration through the surface 

film. At an immersion time of 10 hours, extreme polarization of the anode is 

possible at low current densities. Least squares analysis gives a jo value of 

0.075 mA/cm2, which is approximately an order of magnitude lower than that 

for the referenc~ surface. The 't/ values relax back to those of the 3-hour 

immersion at current densities above 2.7 mA/cm2. The voltage-time profiles 

show transients initiated at 0.54 mA/cm2 applied current yielding decreases of 

60 mV in '1. The observations suggest that the surface film undergoes a 

physical restructuring. 

A closer examination of the behavior of this 10-hour immersed electrode 

indicates that irreversible changes in the surface film do occur upon discharge. 

The '1 values measured at 1 and 10 seconds after initiation of discharge have 

been plotted in Fig. 6.12 for this electrode. Included is a second discharge 

sequence for the same electrode which followed the first by ca. 4 minutes. 

Curves (a) and (b) show the resulting 't/ value sampled at 1 and 10 seconds, 

respectively, at constant current density for the first discharge sequence. A 

decrease of ca. 60 mV is visible from 1 to 10 seconds into discharge for 

current densities above 0.54 mA/cm2. This decrease is also observed for the 

highest discharge rate of 3.8 mA/cm2. Curves (c) and (d) show the same 

measurements for the second discharge sequence. A similar trend in 

decreasing '1 value with time is visible. However, the magnitude change is only 
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ca. 30 mV or half that observed for the first sequence. In addition, this change 

diminishes at higher current densities and becomes negligible at 3.8 mNcm2. 

The 10 second curves show that the jo value has increased from 0.075 to 0.095 

mNcm2 from the first to second sequence. The overall shape of the 10-second 

curve has changed with a smaller degree of polarization at low current densities 

and with a slightly larger degree at high current densities. The smaller degree 

of polarization for the first discharge sequence sampled at 10 seconds for 

moderate to high current densities relative to the second discharge sequence 

indicates a radical transition in the U+ transport properties of the surface film. 

The observations are consistent with the occurrence of structural changes within 

the surface film with the passage of charge. There appears to be a threshold 

for total charge passed or rate of passage prior to film restructuring. The 

immediately discharged reference and oxide surfaces did not show this 1'/ value 

relaxation with additional discharge series, suggesting differences in film growth 

and modification between the solution and gas-phase environments. This 

increased U+ ion transport with extent of discharge is most likely the short

term immersion analog of voltage delay transients observed in commercial 

U/S02 battery systems [32, 33]. 

Pre-oxidized lithium surfaces show signs of surface film changes with 

short-term electrolyte immersion. Figure 6.13 shows the Tafel plots for films 

exposed to 3x105 L of 02 and discharged il1)mediately (control), 30 minutes 

and 10 hours after immersion. The results are qualitatively similar to "clean" 

surfaces immersed for similar times. The overall degree of additional 

polarization is not as great as seen for these "clean" surfaces. The jo value for 
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the 10 hour immersed surface is 0.12 mNcm2 compared to 0.075 mNcm2 for 

its "clean" counterpart. Note that the 10-hour immersed surface response 

converges with the control and 30-minute cases at current densities above 1.1 

mNcm2. This is consistent with observed transient behavior within the voltage

time profiles and indicates film restructuring as previously observ~d. The 

results of a subsequent discharge (b) of this 10-hour immersed surface along 

with the original response (a) are shown in Fig. 6.14. Comparison of these two 

curves show a significant reduction in polarization at low to moderate current 

densities. The jo value has increased to 0.28 mNcm2. The 't/ values converge 

at higher current densities indicating the most significant changes in U+ 

transport properties occur within this lower discharge rate region. From these 

results, it appears as if the effect of the original oxide layer is still felt at the 

interface after short-term immersion (less than 10 hours). The role of the oxide 

layer is most likely as a mediator for further modification in solution. The pre

oxidized surfaces appear to be less corroded by the electrolyte and form 

product layers which eventually yield greater U+ ion transport facility. 

Passage of charge through surface films appear to aid in further 

corrosion of the anode. Figure 6.15 shows the Tafel plot for a single "clean" 

lithium surface discharge immediately, 30 minutes, and 60 minutes after 

immersion. The effect of the previous discharge is a continual increase in the 

't/ value at a given current density. The increase observed for the 60-minute 

case is equivalent to that observed for the immediate discharge of a 3-hour 

immersed surface (see Fig. 6.11) in the low to moder:ate current density region. 

This experiment repeated for a pre-oxidized surface (3x105 L of 02) indicates 
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similar enhancement in corrosion. These results indicate subtle structural 

changes in the surface film allowing further modification of the interface at an 

accelerated rate. These results correlate with those of Delnick [176] which 

showed increased film growth with discharge using AC impedance techniques 

in the 502/LiBr/CHaCN system. 

6.5 Conclusions 

The results of these experiments demonstrate that the precondition of the 

anode surface affects the electrochemical behavior of the anode under 

immediate discharge and discharge after short-term immersion in the electrolyte. 

Pre-exposure of the surface to relatively low levels of 02 and moderate levels 

of H20 significantly decreases the eXChange current density of the anode. This 

decrease is relative to that value obtained for a "clean" surface immersed 

immediately after generation. This is most likely the result of the formation of 

a compact surface film which energetically impedes U+ ion transport (Fig. 6.16). 

These surface films have a structure which may be modified upon contact with 

the electrolyte vapor and immersion. The Tafel plots indicate that several ion 

transport mechanisms are responsible for limiting the rate of metal dissolution. 

502 is the most dominant component within the electrochemical environment, 

impeding the interaction of contaminant 02 and H20, and preventing significant 

interaction with subsequent exposures of these two oxidants. 

Prolonged immersion of the anode produces surface films which show 

more extensive resistance to U+ ion transport. "Clean" surfaces immersed up 
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to 10 hours prior to discharge yield exchange current densities an order of 

magnitude lower relative to their immediately discharged counterparts. The 

anodes are more easily polarized than surfaces with initial thick oxide layers. 

The film structure and possibly composition are susceptible to the passage of 

charge. 11 values decrease and io values increase after passage of charge 

indicating significant changes in the transport mechanism. This is most likely 

due to structural changes in the surface film such as physical disruption (Fig. 

6.16). Disruption would lead to a more porous structure via the generation of 

channels for more facile ion transport. These structural changes appear to be 

the short-term analogs to the voltage delay phenomenon observed in 

commercial cells. The pre-oxidized surfaces show less severe polarization upon 

short-term immersion indicating the continued effect of the original oxide layer. 

Passage of charge through the surface film appears to hasten further corrosion 

and polarization of the interface. 

The ideal model of ion conduction through a solid matrix does not apply 

in these short-term immersion studies. The model advanced to date involving 

a precipitated, crystalline film of lithium dithionite within the SO~CH:fCN system 

does not characterize the short-term immersed interface. A better 

understanding of this system could be derived from prolonged immersion 

periods on the order of days. The work of Geronov [173] and others [175] 

indicate that short-term immersed electrodes yield poorly characterized film 

resistivity values and io values through the first 24 to 48 hours and only at 

longer times do the ion conduction models apply. Exploring the effect of 

precondition at these longer immersion times would test the effect of surface 
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oxide layers (and other modified surfaces of interest) in regulating further film 

modification and growth. The eventual goal would be the implementation of a 

modified surface which resists corrosion and facilitates ion transport. 



CHAPTER 7 

REACTIONS AT THE MULTICOMPONENT GLASS/METALLIC 

LITHIUM INTERFACE 
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Tailored composition silicate and boro-aluminate glasses have found 

application as insulators and separators in high energy density battery systems. 

These structures are reviewed in Fig. 7.1 (see Section 1.3). A glass 

composition can be adjusted to optimize specific physical and chemical 

properties by varying the types and amounts of network forming and modifying 

components. The most critical and least understood property of these glasses 

within this application is their corrosion resistance when in the presence of a 

strong reductant. Induced corrosion of these glasses is observed when the 

glass is held at the lithium potential [89]. Experimental results indicate that a 

significant amount of lithium build-up occurs at the surface and within the 

product layer of a given glass [93]. Two models exist which attempt to explain 

these observations of accelerated corrosion and lithium build-up: a direct 

reduction/spontaneous electrochemical alloying model [94] and an 

underpotential deposition (UPD) model [91]. Little information has been 

published pertaining to the reaction products formed wt1en lithium comes into 

contact with a standard composition glass surface. However, model corrosion 

studies indicate that overall corrosion resistance scales with silica content 

decreases within a series of multi,-component glasses [92]. 
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The presenc~ of lithium at the glass surface as the potential driving force 

for a corrosion process suggests the possibility of modelling corrosion by 

deposition of lithium overlayers on substrate glasses. The glasses investigated 

within this modelled study are shown in Table 7.1. The glasses of greatest 

interest as battery insulators are TA-23 (a boro-alumina-silicate) and members 

of the CABAL family (calcium boro-aluminates) [178]. The response of a 

complex mUlti-component glass can be better understood by evaluating that of 

simpler compositional analogs. As a result, a variety of silicates and alumina

silicates have been included for study. The properties of a glass are 

determined as well by the network modifying components. A variety of alkali 

and alkaline earth cations have also been included to evaluate their roles. In 

some cases a given modifying cation (i.e., Mg2+) has been included in a variety 

of glass systems to probe matrix dependent responses. All of this information 

can be related back to the fundamental reference systems of silica and boron 

oxide [103, 177]. 

Photoelectron spectroscopy has been used to evaluate this response of 

a glass substrate to surface lithium. The surface being studied is that of the 

fractured glass within an ultra-high purity nitrogen environment. XPS analysis 

has been conducted prior to and after deposition of lithium films ranging from 

20 to 80 A in thickness. Surface heating has been applied to facilitate thermo

dynamically or kinetically limited processes. Comparison between the results 

of these mUlti-component glasses and the reference silica and boron oxide 

systems has been made. The observed surface processes may paint to bulk 
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Table 7.1 

Glass Systems of Interest 

SILICATES 

Na Trisilicate 25% Na20 75% Si02 

K Trisilicate 25% ~O 75% Si02 

KMS-15 15% ~O 25% MgO 60% Si02 

KCS-15 15% ~O 25% CaO 60% Si02 

ALUMINO-SILICATES 

MAS-25 25% MgO 15% AI20 3 60% Si02 

CAS-25 25% CaO 15% AI20 3 60% Si02 

TA-23 12% CaO 20% AI20 3 45% Si02 8% B20 3 

7% MgO 6% SrO 2% La20 3 

BORO-ALUMINATES 

MABAL-40 40% MgO 50% B20 3 10% AI20 3 

CABAL-4 25% CaO 50% B20 3 25% AI20 3 

CABAL-5 20% CaO 60% B20 3 20% AI20 3 

CABAL-12 20% MgO 20% CaO 40% B20 3 20% AI20 3 

CABAL-40 40% CaO 50% B20 3 10% AI20 3 

BABAL-40 40% BaO 50% B20 3 10% AI20 3 

SRBAL-40 40% SrO 50% B20 3 10% AI20 3 
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corrosion processes to the extent that the fractured surface approximates the 

bulk matrix. 

7.1 Response of the Network Formers to Lithium 

The activity of silicon within these multi-component glasses appears 

greatly reduced relative to that of fused silica and quartz. This is demonstrated 

in Fig. 7.2 where the Si (2p) spectra are displayed for MAS-25. KCS-15. KMS-

15. and TA-23 samples. The spectra' were obtained with a 300 W AI (Ka) 

source under moderate spectrometer resolution (38 eV pass energy). Each 

sample has an overlayer of 30 to 50 A of lithium and has been heated to 1200 

C. The predominant. high BE transition in each spectrum is that of the original. 

unreacted substrate. Spectral intensity at lower BE values is due to additional 

forms of less electropositive silicon as a result of limited reaction. Differences 

in product contribution between spectra can be accounted for by variations in 

amounts of surface lithium. reaction temperatures. and lengths of surface 

heating periods. No clear trends exist between glass type and degree of 

reaction. Deposition of additional lithium produced no appreciable change in 

the Si (2p) lineshape. No significant changes were observed in the AI (2p) 

spectra for those glasses containing alumina. These results differ substantially 

from those obtained for fused silica and quartz [103]. For these reference 

systems. extensive reaction was observed with similar levels of surface lithium. 

Two product Si transitions were observed in an approximate 2: 1 peak area ratio 

at positions as indicated by the vertical lines of Fig. 7.2 (assuming coincidence 
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of the initial Si (2p) for the reference systems and the mUlti-component glasses). 

Deposition of additional lithium produced product layers thicker than the escape 

depth of the Si (2p) photoelectron. In addition, the studies of fused silica and 

quartz were conducted at lower surface temperatures than those of the multi

component glasses (70° vs. 125°C). These results indicate that the multi

component silicate glasses are more impervious to lithium attack under these 

experimental conditions relative to fused silica and quartz. 

The activity of boron within the mUlti-component glasses appears 

significantly reduced relative to that observed for boron oxide. Figure 7.3 

shows the B (is) spectra for CABAL-12, CABAL-40, and MABAL-40 samples 

under similar experimental conditions as those for Fig. 7.2. The predominant, 

high BE transition is that of the original substrate in each spectra. As with the 

previous Si (2p) spectra, low BE spectral intensity for the B (1 s) region indicate 

only limited reaction. The AI (2p) appears unchanged by the presence of 

lithium. These results are in contrast with those observed for B20 3 [177]. 

Reaction was observed for this system with a predominant product transition 

at a position as indicated by the vertical line in Fig. 7.3. This product transition 

reached ca. 25% of the peak area of the original substrate transition. Additional 

deposition of lithium showed minimal additional changes and indicated a limited 

reaction. 

The only exception to this trend of greater resistance to lithium for these 

multi-component glasses was a CABAL-5 sample (see Table 7.1). Figure 7.4 

shows the B (is) region for this sample under similar conditions as those for 

Fig. 7.3. The spectra shows a similar degree of reaction and product 
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distribution to the reference boron oxide [177]. Reduction was not visible due 

to x-ray source heating over a period of 2 hours. Sample beating to 100°C 

over a 20 minute period produced the first signs of boron reduction. As with 

the previous alumina-containing glasses, no detectable reduction in alumina was 

observed. This CABAL glass contained the highest mole fraction of B20 3 

(60%) of the glasses studied. This may be an indication that the corrosion 

resistance of a glass in the presence of lithium may be a function of the relative 

concentration of the network former for this specific corrosion mechanism. This 

dependence has been observed for corrosion studies of multi component 

silicates in modelled electrochemical environments [93]. 

7.2 Response of the Network Modifiers to Lithium 

Closer examination of the response of a multi-component glass to lithium 

with time and temperature indicates that surface lithium may have an effect on 

specific network modifying cations. Figure 7.5 shows a low BE scan (0 to 250 

eV) for a TA-23 sample with a 60 A lithium overlayer as a function of time and 

temperature. The spectra were collected with a 300 W AI (Ka) source under 

moderate spectrometer resolution (50 eV pass energy). The individual spectra 

were collected immediately after lithium deposition at ca. 25°C (a), after 

stepping the sample temperature to 210°C for 30 minutes (b), and after 

stepping the temperature to 210°C for 60 minutes (c). Transitions for the Si 

{(2p) and (2s)} , AI {(2p) and (2s)} , Sr (3d), La (4p) , B (1s), 0 (2s) , and the Mg 

{(2p) and (2s)} are visible as indicated along with the Li (1 s) due to the metal 
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Low BE spectra for a TA-23 substrate with a 60 A U overlayer: 
(a) initial spectrum at 25°C; (b) 30 min at 210°C; (c) 60 min at 
210°C; 1) 0 (2s); 2) Mg (2p); 3) U (1s); 4) AI (2p); 5) Mg (2s); 6) Si 
(2p); 7) AI (2s); 8) Sr (3d); 9) Si (2s); 10) B (1s); 11) La (4p) 
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overlayer. The most striking changes with increasing time and temperature are 

increases in intensity of the Mg transitions with respect to the Si and AI 

transitions. In addition, increase in the 0 (2s) occurs at a position indicative 

of oxide formation and the U (1 s) increases and undergoes a chemical shift to 

a higher BE value. One explanation for the increasing Mg signals involves the 

segregation of magnesium to the surface. The changes in the Li and 0 

transitions are most likely the result of lithium oxidation. Heating of fractured 

TA-23 surface to 210°C does not produce similar increases in Mg signals. 

The role of magnesium was further investigated by monitoring its surface 

response as a function of time under constant x-ray source illumination. 

Figures 7.6 and 7.7 show the Mg (1s) and Mg (K'-2l:3) spectra for a MAS-25 

sample with a 20 A lithium overlayer collected over a 2 hour period. 

Continuous x-ray source exposure was supplied by a 300 W AI (Ka) source 

with data acquisition at moderate spectrometer resolution (38 eV pass energy). 

Spectra obtained from the surface prior to lithium deposition have also been 

included for comparison (a). The Mg (1s) region shows the appearance of a 

low BE spectral feature separated by ca. 3 eV from the original 1 s transition 

with the deposition of lithium. The overall intensity has decreased (decrease 

in SIN) in this region due to the lithium overlayer. With time (and presumably 

surface warming), this low BE feature is enhanced with a corresponding 

attenuation in the original 1 s transition. A rapid decrease in intensity of the low 

BE feature occurs at times in excess of 120 minutes. At 210 minutes, the Mg 

response yields a single 1 s envelope positioned ca. 1 eV lower in BE and 

slightly broader in half width than the original transition. The Mg (K'-2Y region 
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Figure 7.6 Mg (ls) response with time for a MAS-25 sample with a 20 A Li 
overlayer: (a) pre-disposition; (b) 2 min; (c) 60 min; (d) 120 min; 
(e) 210 min after deposition 
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Figure 7.7 Mg (KL 2 L 3 ) response with time for a MAS-25 sample with a 20 A 
U overlayer: (a) pre-disposition;(b) 2 min; (c) 60 min; (d) 120 min; 
(e) 210 min after deposition 
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yields a similar trend of formation of a low BE feature displaced 7.5 eV with 

respect to the original transition followed by its attenuation with time (and 

temperature). The changes within the Mg (1s) region appear more pronounced 

because of the low KE of this transition and its resulting greater surface 

sensitivity. Comparison of transition positions and half widths are difficult in 

these experiments because of the deposition of a conducive, scattering 

overlayer on an insulating substrate. The problem of changing surface 

charging characteristics can be overcome by correcting peak positions to the 

Si (2p) transition. These results suggest the formation of a transient 

magnesium species formed in the near-surface region due to the presence of 

lithium. 

The surface concentration of magnesium increases as a result of 

interaction of lithium at the surface under these mild conditions. Figure 7.8 

shows a plot of the Mg(1 s)/Si(2p) intensity ratio as a function of analysis angle 

(position of analyzer slit w.r.t. surface normal) for the above MAS sample after 

the 2 hour observation period. This ratio is observed to increase by a factor 

of 2 from 0 to 30°C and plateau at slightly lower values with increased angle. 

In the limit of a flat surface, segregation of a species toward the surface will 

yield an increase in this ratio (the numerator reflecting the signal from the 

segregating species) as the analysis angle is increased. This is the result of 

a decreased sampling depth referenced to the surface normal. This ratio 

should increase to an infinite value for segregation resulting in the formation of 

a suitably thick (a function of IMFP), continuous surface layer. A rough surface 

may yield a less severe change due to the presence of combinations of surface 
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planes which become normal to the analyzer as the sample position is changed 

with possible shadowing of previously observed planes. Discrete, two

dimensional regions of segregation on the surface would yield a plateau 

response with the final value being a function of the size and areal density of 

reacted regions. A predicted response would depend on detailed modelling. 

The surfaces discussed throughout this chapter do not lend themselves to 

morphological characterization and suitable modelling. However, the increased 

Mg/Si surface ratio is a good indication that magnesium is being driven toward 

and remains at the surface due to the presence of lithium under mild source 

heating conditions (< 3SoC). These results explain in part the increased Mg 

signals observed for the TA-23 sample heated to much higher temperatures as 

previously discussed. 

Surface segregation of magnesium is supported by observations made 

on several other magnesium containing glasses. All of the magnesium 

containing glasses shown in Table 7.1 have shown similar spectral trends as 

described in Figs. 7.6 and 7.7 for the MAS-25 sample to a varying extent. 

Prolonged external heating and/or x-ray source exposure of select glasses 

without the deposition of a lithium layer do not produce these spectral changes. 

Although, sample heating does enhance the activity of magnesium. Evidence 

for this is given in Fig. 7.9 where the Mg (1 s) and Mg (K'-2'-:3) spectra for two 

MABAL-40 samples are shown. Spectra (a) and (b) correspond to surfaces 

which have been coated with a 20' to 30 A lithium layer at room temperature 

and after heating to 120°C, respectively. These spectra reflect the surface 

condition immediately after lithium deposition. Pre-deposition surface heating 
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produces the greatest enhancement in the low BE spectra features and greater 

final Mg/B values. It is unlikely that pre-exposure to the x-ray source plays a 

role here because both samples were initially analyzed to evaluate surface 

cleanliness and for estimates of lithium overlayer thicknesses. Small fluctuations 

in total amount of lithium at the surface can also be discounted because 

spectra (a) are representative of 5 separate runs conducted on MABAL-40 

samples where such variables would have been manifest. Note that the relative 

contribution of the low BE form of Mg is significantly greater than the maximum 

value observed for the previous MAS-2S sample. This observation indicates 

that greater thermal energy input will yield a greater extent of magnesium 

activity. This thermally assisted activity of Mg explains the progressive increase 

in the intermediate form of magnesium with x-ray source exposure observed for 

the Mg-containing glasses of Table 7.1. The question remains as to the 

chemical identity of the intermediate and the eventual form(s) of surface 

magnesium. 

Magnesium segregates to the surface due to reduction by lithium. This 

conclusion is supported by the Mg (KLL) spectra shown in Fig. 7.10 for MAS-

25 and MABAL-40 samples with 50 to 80 A lithium overlayers heated to 130°C 

in less than 90 minutes. A spectrum for a clean Mg film deposited on a nickel 

substrate is included for comparison. These spectra were collected at 

moderate spectrometer resolution (38 eV pass energy) with a 300 W AI (Ka) 

source. The spectra obtained from the glass surfaces have been arbitrarily 

corrected by shifting to align the most predominant, lowest lying transition with 

that of the Mg film. Justification for doing this will be given shortly. Spectral 
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feature assignment for the clean Mg film is described in Fig. 7.11 without regard 

to final state configuration [179]. An inset has been included showing the Mg 

(1 s) response for this film. The a parameter is a pseudo-Auger parameter or 

the BE difference between the Mg (1 s) and Mg (K'-2Y transitions (without 

taking into consideration source energy). Consideration of this value eliminates 

the effects of sample charging and allows direct comparison of spectral features 

between insulating and conductive heat samples. This value is 1001.7 eV for 

this film, in agreement with the results of Hoogewijs et al. [180]. Values 

measured from the MAS and MABAL samples of Fig. 7.10 are 1001.4 and 

1001.3 aV, respectively. This correlation allows for the arbitrary spectral 

correction described previously given the fact that core (XPS) and core/valence 

(Auger) level transitions generally show a unique energy shift with change in 

chemical state and environment [153]. Magnesium is a free-electron metal 

yielding intense plasmon loss features within its core level spectra much like 

lithium. These features are given as multiples of hw in Fig. 7.11. The x-ray 

induced Auger data show primarily the bulk plasmon loss features due to the 

transition KE's and sampling depth. The first surface plasmon loss is more 

visible at lower KE as evidenced by its appearance in the Mg (1s) spectra (Fig. 

7.11 inset). The first bulk plasmon is separated by 10.8 eV from the parent 

transition. Close inspection of the spectra collected from the MAS and MABAL 

samples show that plasmon loss features are visible. The first loss peak is 

separated by ca. 10.0 eV from the parent transition in approximate agreement 

with that for the metal film. The 0.8 eV difference is most likely the result of 

different chemical environments. Multiple losses are only visible in the K'-2l:3 
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case because of its intensity. The presence of these plasmon loss features and 

the correlation of a values indicates that divalent magnesium within the near

surface region is reduced by surface lithium. 

Magnesium is stabilized at the surface after reduction by solvation in the 

lithium overlayer. Evidence for this can be found in the displacement of the first 

bulk plasmon relative to the parent Mg (K~y transition. This value is ca. 10.0 

eV for the previous MAS and MABAL samples relative to 10.8 eV found for a 

clean Mg film. Figure 7.12 shows the Mg (KLL) spectra for a Mg film before 

(a) and after subsequent deposition of lithium overlayers (b,c). Spectra (b) and 

(c) differ by deposition periods of 2 and 8 minutes at approximately constant 

deposition rates, respectively. The plasmon loss energy decreases with 

increasing lithium concentration in the near surface region. The fact that 

solvation (alloying) occurs is evident by a retention of the original half width of 

the plasmon loss peaks. Overlayer formation would result in a broadening due 

to photoelectrons undergoing multiple losses with transmission through discrete 

layers. This decrease in plasmon loss energy correlates with the decreased 

value observed for the MAS and MABAL Mgo/Uo surface films described above. 

The surface layers formed on the previous MAS and MABAL samples 

show the presence of a second form of magnesium. The data of Fig. 7.10 

show a transition displaced by 5.5 eV from the MgO (K~y transition. Each of 

the other Auger transitions has a similarly displaced partner. Measurement of 

a values yields a value of 998.2 eV. This value compares to that of 997.0 eV 

measured for the original glass surfaces. This value is actually closer to 997.7 

eV for polycrystalline MgO [180]. Monitoring the MAS and MABAL surfaces for 



345 

BINDING ENERGY. eV 
405 "375 345 315 285 

Figure 7.12 Mg (KLL) spectra of Li/Mg surface alloys: (a) MgO film; (b) after 30 
A U deposition; (c) after 120 A U deposition 
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longer periods of time show an increase in these higher BE transitions with an 

increase in surface oxygen. No increase in Si or B was observed to indicate 

coalescing of the lithium/magnesium overlayer and enhanced sampling of the 

original glass substrate. Consequently, magnesium appears to segregate to 

the surface under the reductive influence of surface lithium and is eventually re

oxidized forming a surface oxide. The presence of hydroxide can not be ruled 

out due to the width of 0 (1s). The source of oxygen is most likely H20 

des orbed from the sample stub and stage with increased temperature. Surface 

carbon levels also increase with heating suggesting the dissociation of CO at 

the surface. 

The observed activity of magnesium is independent of reduction of the 

network forming components as previously discussed. Magnesium may be 

viewed as vacating specific sites within the glass matrix under the reductive 

influence of lithium. Electroneutrality is maintained by exchange with lithium 

cations formed from the reduction of magnesium. This process may be 

described by: 

Mg2+ (S) + 2e- -+ Mg 

2U -+ 2U+{S)* + 2e-

Mg2+ (S) + 2Li -+ Mg + 2U+ (S) * 

The net free energy of this process would be the free energy of electron 

transfer referenced to the initial and final states of the Mg2+ and U+ ions, 

respectively. A distinction has been made between the initial Mg2+ and final 
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Li+ occupied sites (S) and (S)*, respectively, to allow for adjustments in the 

local site environment to accommodate a cation of different field strength 

(charge/ionic radius) and size. Changes within the matrix represent 

expenditures of energy which lowers the overall thermodynamic driving force 

for this reductive exchange process. the more dissimilar two exchanging 

cations becomes, the less likely this process energetically becomes. 

Experimental observations of this have been made in alkali silicate glasses 

undergoing solution-phase ion exchange with a secondary alkali ion [181]. The 

lower activation energies and greater diffusion coefficients are found for the self

diffusing ion and for secondary alkalis, scaling with next nearest size and field 

strength. These considerations suggest that for a given set of exchanging 

cations, there is a site or matrix dependence on the overall process. 

The role of cation site on magnesium activity was investigated by 

studying three different matrices under controlled conditions. The glasses 

chosen were samples of KMS-15, MAS-25, and MABAL-40. Each sample was 

heated continuously over a 2 hour period to ca. 140°C after deposition of a ca. 

30 A lithium film. Lithium deposition times and lithium source temperatures 

were kept constant to facilitate the deposition of equivalent amounts of lithium. 

This condition was verified by checking the attenuation of the Si (2p) or B (1 s) 

transition. Each sample was exposed to the same temperature ramp. The Mg 

(Kl:2La) transition was monitored every 5 minutes with occasional 0 (1 s) and 

Si (2p) or B (1 s) scans. The non-linear temperature ramp used for substrate 

heating is shown in Fig. 7.13 with letters corresponding to analysis points. The 

resulting Mg spectra collected from the MAS sample are shown in Fig. 7.14 
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(note the scaling factors for each series). Only a trace level of reduced Mg is 

visible with initial room temperature analysis (b). The sample transfer time from 

deposition to analysis chamber was minimized to facilitate post-deposition 

analysis prior to reaction initiation, if possible. The spectral window was 

reduced along with scan times to facilitate reasonable time and temperature 

resolution between analysis periods. The sample was also shielded from the 

x-ray source between analysis periods to minimize any source effects. 

Enhanced reduction is not observed until 30 to 40 minutes into the run with 

temperatures approaching 125°C. A maximum MgO contribution occurs at ca. 

70 minutes with a sample temperature of ca. 133°C. The final Mg contribution 

is larger than the initial value. The same general trend in Mg reduction and re

oxidation is visible as seen for source heating only to a greater extent, as 

expected for thermal activation of the reductive exchange process. 

Direct comparison can be made of each of these samples by normalizing 

the magnesium response to the initial Mg2+ (K~La) transition intensity after 

lithium deposition. This eliminates the concern for considering different bulk 

concentrations of magnesium for each glass. A plot of the normalized MgO 

(K~y intensities as a function of time and temperature are given in Fig. 7.15. 

All of the curves show the previously discussed increase in MgO due to 

reduction followed by decrease due to re-oxidation of the surface layer. The 

MABAL sample shows a considerable amount of reduced Mg prior to surface 

heating indicating reasonably facile reduction at room temperature. This initial 

value undergoes minimal increase six minutes into the temperature ramp. After 

this point, reduction becomes accel~rated and a maximum signal intensity is 
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reached at 50 minutes and 129°C. The signal decreases slowly with longer 

times and higher temperatures suggesting a significantly slower re-oxidation rate 

than reduction rate. The KMS sample yields a much smaller initial value of MgO 

compared to the MABAL sample. Reduction proceeds at a slower rate than for 

the MABAL sample with the start of surface heating. This rate becomes greatly 

enhanced at times approaching 28 minutes. The MgO signal reaches a broad 

maximum at 56 minutes and 130°C with values comparable to those for the 

MABAL sample. Beyond 70 minutes, the metal signal rapidly decreases with 

final values two to three times less than for the MABAL surface. The MAS 

sample shows the most sluggish response to surface lithium of all three 

glasses. The initial MgO value is comparable to that of the KMS sample. 

Gradual acceleration in reduction is visible for a 70 minute period with 

temperatures reaching 132°C. A maximum metal signal is reached at 77 

minutes and 133°C. This relative maximum value is 20% to 30% greater than 

that for the MABAL and KMS samples. Signal decrease occurs beyond 80 

minutes at a rate which is intermediate than that observed for the MABAL and 

KMS samples. This rate of -decrease for all three cases is most likely 

predominately a function of the partial pressure of the oxidant (H20). Variations 

in this value would explain differences in the decrease of the MgO signal witti 

time. The radical difference in the MABAL profile may be the result of 

continued reduction of Mg at the glass interface with re-oxidation at the vacuum 

interface. The results show that the MAS and MABAL samples yield the most 

extensive and the most rapid relative response, respectively. These observed 

differences indicate that structural differences may translate to differences in 
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activity, to the extent that the fractured surface is representative of the bulk 

glass. 

The response of magnesium may be discussed in terms of glass network 

structure [182-184]. For a silicate, the addition of one equivalent of an alkali 

oxide or alkaline earth oxide (formally, R20 and RO) produces a break in the 

polymeric, tetrahedrally coordinated Si04/2 network resulting in two non-bridging 

oxygen centers. These oxygens represent high field strength anionic sites with 

Significant charge density localization. The cation occupies a position so as to 

counter this charge maintaining electroneutrality. With the addition of alumina 

in an alkali or alkaline earth silicate, non-bridging oxygen sites are essentially 

titrated to form AI04/2- sites (provided R20/AI20 3 or RO/AI20 3 > 1). A lower 

field strength site has been formed with the addition of alumina where charge 

density is spread over the oxygen atoms. This site should represent a lower 

barrier for ion mobility when compared to the non-bridging oxygen site of a 

silicate. It has been shown that sodium self-diffusion is enhanced with the 

introduction of alumina to a sodium silicate [185, 186]. The borate glass 

network is based on the formation of three coordinate 803/2 centers. 

Introduction of an R20 or RO species of up to 30 to 40 mole percent creates 

804/2- centers. A similar argument of low field strength can be made for these 

sites. Alumina may be added to a borate matrix yielding AIO 4/2 - sites for low 

mole percentages (alumina may pass to a octahedrally coordinated network 

modifying species, AI 06/2 3-, at too large a value). The mobility of a given 

cation would be expected to be greatest for the borate and boro-aluminate 

matrices, followed by the alumina-silicates and finally, the silicates. For an 
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exchange process, the incorporation of the incoming cation must also be 

considered. Larger or multiple cations would be more easily incorporated at 

the lower field strength sites. 

The conclusions of the preceding discussion are demonstrated in the 

previously discussed results of Fig. 7.15. The larger relative response of 

magnesium at the lowest temperatures and shortest times were observed for 

the boro-aluminate (MABAL) where Mg2+ should be most mobile. The 

response of the alumina-silicate (MAS) lagged significantly behind that of the 

MABAL sample. Initial magnesium activity may be the result of preferential 

exchange at AID 4/2- sites within the MAS sample, followed by exchange at non

bridging oxygen sites. The anomaly in this data is the response of the mixed 

alkali/alkaline earth silicate (KMS). This glass should yield the most sluggish 

response, but shows a severe departure from the response of the MAS sample 

with a rapid onset of magnesium release. This is most likely the result of a 

simultaneous potassium response to surface lithium to be discussed shortly. 

This interpretation is limited to the extent that the bulk glass structurally 

represents the surface and that the bulk glass represents a homogeneous 

matrix [187]. 

There is a possibility that physical changes occur in the lithium overlayer 

at the glass surface with heating. Fig. 7.16 shows the relative Si (2p) and B 

(1s) peak areas (normalized to the post-deposition values) as a function of 

surface condition for each glass. In all cases, increases in the relative values 

are visible with increased surface temperature and time. This may be due to 

compositional changes in the film with magnesium exchange. However, 
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comparison of post-deposition and final Mg (K~y intensities show an increase 

which scales with the relative Si signal increases (MAS> KMS > MABAL). 

This correlation suggests the possibility of coalescing of the overlayer with a 

greater spectral contribution from the uncovered glass substrate regions. This 

process may affect the extent of the resulting Mg response. However, note that 

the relative increases coincide with the regions of accelerated Mg reduction and 

that the MAS sample, which shows the greatest relative increase, yields the 

greatest relative Mg response. As a result, this effect is assumed to be 

minimal. 

7.3 Activity of Other Modifying Cations 

A variety of other alkali and alkaline earth metal cations commonly used 

as modifiers in glasses might be expected to show a similar sensitivity to a 

surface lithium layer. A preliminary investigation has been made involving Na+, 

K+, Ca2+, Sr2+, and Ba2+. Of these cations, sodium shows the most 

significant response to lithium. This is demonstrated in Fig. 7.17 where the Na 

(2s)/Li (1 s) spectra are shown for a sodium trisilicate glass (Na20'3Si02) with 

a 30 A lithium overlayer collected over a 24 hour period. The sample was 

intermittently exposed to a 300 W AI (Ka) source with spectra collected under 

moderate spectrometer resolution (50 eV pass energy). An initial scan of the 

Na (2s) prior to lithium deposition is included for comparison (a). The Na (2s) 

shifts by ca. 3.0 eV lower in BE with deposition of lithium. This value is in 

reasonable agreement with the work of Barrie et al. on the oxidation of sodium 
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films [136], indicating sodium reduction. The Na (1s) and Na «K~'-a) also 
on 

show a corresponding reductive shift. With increasing time, the metallic sodium 

transition grows in intensity eventually surpassing the original Na+ (1s) of the 

bulk glass. This is shown in spectra (b). The U (1s) shows some limited 

oxidation. The loss region of the Na (25) is reminiscent of that observed for Na 

transitions when sodium exists as a minor contaminant in lithium (see Fig. 3.5). 

Additional sodium reduction occurs with longer times as seen in spectra 9c) 

along with the appearance of a distinct set of plasmon loss features. The 

energies for these losses correspond to those observed for sodium foils [124, 

177] and films [136]. The U (1 s) also shows a greater degree of oxidation as 

evidenced by the broadening of the envelope. The appearance of these loss 

features in indicative of sodium segregation into a discrete sodium-rich phase. 

The most likely structure is one of a sodium layer sandwiched between a 

surface lithium oxide layer and a silica layer with considerable displacement of 

Na+ for U+ cations. Analysis of the Si (2p) transition shows little network 

former reduction. As a result, this process appears similar to that observed for 

magnesium. The primary differences are that sodium reduction is much more 

facile and occurs to a significantly greater extent at lower temperatures. 

Potassium shows a unique response to the presence of surface lithium. 

Potassium has been studied in a potassium trisilicate (~0'3Si02)' a potassium 

magnesium silicate (KMS), and a potassium calcium silicate (KeS). All three 

lasses have given a similar potassium response; the potassium signal is 

significantly attenuated with the deposition of a lithium overlayer with no sign 

of reduced potassium. The potassium response with surface heating is shown 
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for a KMS glass with a 30 A U overlayer in Fig. 7.18. This sample is the same 

sample with which the previously discussed Mg activity versus surface heating 

was investigated (Section 7.2). The spectra displayed contain the Mg (K~La) 

Auger transitions along with the K (2P3/2. 1/2) transitions positioned at 294.9 and 

297.7 eV, respectively. The K (2P3/2)/Si (2p) peak area ratio decreases by 

30% with the deposition of lithium. A similar value results from comparison of 

K (2P3/2) and Mg (K~y transition intensities indicating depletion as the cause 

and not IMFP limitations due to the over/ayer. With surface heating, further 

decreases in potassium (relative to magnesium) are visible. Exploration of the 

XPS spectra at lower BE values than shown in Fig. 7.18 show no signs of 

potassium reduction. Ukewise, examination of the x-ray induced K (LMM) 

Auger transition indicate no reduced surface potassium. Given the observed 

reactivity of sodium, the most consistent explanation for the potassium response 

involves reductive displacement by lithium and sublimation from the surface. 

Lithium and potassium are immiscible as solids [188] and, consequently, 

potassium would not be stabilized at the surface through solvation within the 

lithium over/ayer. Sublimation of potassium would be expected at pressures of 

10-9 torr at room temperature. Despite the lack of spectral evidence, potassium 

appears to be undergoing a similar process of reductive exchange as observed 

with sodium and magnesium. 

The response of potassium with surface heating for this KMS glass is 

plotted in Fig. 7.19, along with the previously discussed magnesium response. 

Note that the normalization factor used for the K (2PS/2) signal is different from 

that used for the Mg (K~La) signal. The K signal undergoes a steady 
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decrease for the first 30 minutes of surface heating. This relative decrease is 

larger than the corresponding MgO signal increase indicating preferential K 

activity. The K signal plateaus after 30 minutes at a value less than 50% of the 

initial (post-deposition) value. No further significant changes in the K signal are 

visible with additional surface heating. The continued presence of potassium 

within the near surface region may be the result coalescing of the lithium 

overlayer, a depth dependence for reductive exchange, the subsequent 

magnesium response, or a combination of these factors. As the K signal limits, 

the MgO signal undergoes enhanced increase, eventually maximizes, and then 

begins to decrease. This initial reductive exchange of potassium may explain 

the premature activity of magnesium within the KMS glass relative to the MAS 

glass. The field strength and size differences between the U+ and K+ cations 

are considerable. Exchange should generate compressive forces within the 

near surface region as observed in solution-phase ion exchange [189]. This 

could make the process of a 2-for-1 substitution of U+ for Mg2+ more 

favorable by reducing the energy required to modify the previously Mg2+ 

occupied site. 

The potassium response appears independent of the presence of 

magnesium within the glass. A KCS and a ~O'3Si02 (both containing 25 mole 

% ~O) were investigated to ensure that the response of magnesium did not 

aid in the reductive displacement of potassium. For these preliminary 

experiments, no attempt was made to deposit equivalent lithium overlayers or 

to employ the same thermal program as with the previous KMS sample. Fig. 

7.20 shows the K (2P3/2,1/2)/Si (25) and the Ca (2P3!2,1/2)/Si (2s) peak area 
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ratios as a function of surface conditions as indicated for a KCS sample with 

a 20 A U overlayer. Both sets of ratios are normalized to clean, pre-deposition 

surface values. Deposition of lithium produces a greater than 2-fold decrease 

in the K/Si ratio. This is a greater response than that observed for the KMS 

sample (ca. 1.5) for a thinner U overlayer. With time and temperature, 

additional decreass in this value is visible to a minimum which is slightly less 

than the relative minimum observed for the KMS glass. The K/Si ratio increases 

under more extreme surface heating. This is most likely due to lithium 

coalescing at the surface as evidenced by increases in Si and Ca signals. 

Throughout this experiment, the Ca/Si ratio was found to be constant as 

indicated. Fig. 7.21 shows a corresponding plot of the normalized K 

(2P3/2. 1/2)/Si (2p) peak area as a function of surface condition for a ~O'3Si02 

glass with a 50 A overlayer. Note that this sample was not heated with the 

exception of intermittent x-ray source exposure « 34°C). Much like the KMS 

glass, the K/Si ratio undergoes a 1.5-fold decrease with lithium deposition. 

Further decreases are visible with only x-ray source heating over the following 

1 hour period with a final value 2.5-fold less than the initial. Because these 

KMS, KCS, and trisilicate samples were treated differently, direct comparison is 

difficult. Self-diffusion studies [190] suggest that the presence of an alkaline 

earth cation, for constant mole % sodium in a silicate, significantly increase the 

activation energy for self-diffusion of the sodium cation. This would suggest 

that the trisilicate should yield the greatest response. The activation energy was 

also found to scale inversely with the field strength of the alkaline earth cation 

(Mg < Ca < Sr < Ba) suggesting the KMS might yield a greater overall 
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response compared to the KCS glass. However, to test this would require 

equivalent methods of treatment for each glass along with thick lithium 

overlayers to offset the reactivity of magnesium. 

Calcium, barium, and strontium have shown no detectable activity toward 

a surface lithium layer in the glass systems studied. Calcium has been 

investigated in a variety of glasses as evident from Table 7.1. As demonstrated 

in Fig. 7.20, the Ca/Si ratio is constant for a KCS glass with a 30 A lithium 

overlayer heated over 9 hours to a temperature of 180°C. Similar results were 

found for CAS and CABAL samples the Ca (2PS/2,1/2) which showed no 

significant shifting other than charging and no change in the 2P3/2,1/2 splitting 

value. Barium and strontium were investigated briefly as modifier~ present in 

alumina-borates. Both of these alkaline earths have reasonably high cross

section transitions with which chemical state information and semi-quantitative 

analysis can be conducted. Neither of these two glasses demonstrated 

changes in chemical state or composition for barium or strontium. Lithium is 

capable of undergoing alloy formation with all the alkaline earth metals, with 

increasing facility for intermetallic compound formation with increasing atomic 

number [189]. 

7.4 Conclusions 

It has been demonstrated that multicomponent glasses with less than 60 

mole % network former show an enhanced resistance to corrosion by surface 

lithium. The standards for comparison have been the fused silica and boron 
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oxide systems. While the network remains essentially intact, modifying cations 

within the network undergo extensive reductive exchange with lithium cations. 

The process in depicted in Fig. 7.22 for a multi-component glass. Magnesium, 

sodium, and potassium appear susceptible with no observed response from 

calcium, along with strontium and barium. The feasibility of reductive exchange 

is a function of the energetics of alkali or alkaline earth cation diffusion, 

reduction due to lithium, and the stabilization of the lithium cation at a modified 

site within the network. Diffusion is far more facile for the alkali cations due to 

field strength [182, 183]. Diffusion is also a function of the network itself and 

additional modifiers present. Reductive capability (without considering the 

relative stabilities of the cations in some specific media) will scale with ionization 

potentials, becoming less feasible for the larger alkali and alkaline earth cations. 

Stabilization of the lithium cation is most directly a function of how similar it is 

to the exchanged cation. Additionally, the modifier site determines the 

energetics of stabilization. A balance of these parameters should determine 

which cations will be susceptible to reductive exchange by lithium. 

The results reported within this chapter follow the expected trends in the 

parameters discussed above. Those alkali and alkaline earth metals most 

similar to lithium are the species observed to reductively exchange. Sodium 

and potassium respond more facilely than magnesium, most likely due to the 

inequivalent stOichiometry for exchange and the greater field strength of 

magnesium. The modifier sites within the network also yield expected trends, 

to the extent that the surface is representative of the bulk. The boro-aluminate 

glasses yield accelerated magnesium release due to the lower activation energy 
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for magnesium diffusion from the A104/2- and 8°412- sites. The silicates yield 

delayed release with temperature due to the high field strength non-bridging 

oxygen sites. Mixed alkali/alkaline earth glasses yield unexpected results when 

compared to the alumina-silicates most likely due to the effect of more than one 

interacting cation. 

Extensive network corrosion was not observed within these studies. This 

suggests that there are critical factors present in the electrochemical 

environment which are not present at the lithium/glass interface. Studies 

involving thicker films and longer periods of time may be in order to ensure that 

the alkali and alkaline earth modifying cation activity does not inhibit corrosion 

by consuming the reductant. The activity of modifying cations may have a 

place in the overall corrosion mechanism based on structural arguments. 

Magnesium is a commonly used modifying cation. Reductive exchange with 

lithium should generate expansive forces within the network due to the 

nonequivalent stoichiometry. This may increase the vulnerability of the matrix 

for further penetrative exchange. Changes in network structure under the high 

stress conditions of the glass-to-metal seal environment may lead to fracture, 

propagation, and eventual failure. Experiments aimed at analysis of the bulk 

glass over extensive interaction periods are required to explore this possibility. 



CHAPTER 8 

CONCLUSIONS 

8.1 Reactions at the Gas/Solid Interface 
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Lithium has been shown to be reactive to a wide variety of potential 

oxidants present during the process of lithium anode fabrication and 

incorporation into specific electrochemical environments. These oxidants may 

be classified as contaminants, reductive half-cell constituents, solvents, and co

solvents. Their reactivities range from extreme to minor, resulting in extensive 

product layer formation to associatively adsorbed product monolayers. 

Multilayer product formation occurs by a variety of mechanisms for the more 

reactive oxidants. Structural complexity in the reactive oxidant molecule often 

leads to secondary reactions after the generation of the first few monolayers, 

resulting in heterogeneous product layers. Additional reaction due to lithium 

diffusion toward the product/metal interface has been observed in several 

cases. Heterogeneity appears to lead to surface passivation toward the oxidant 

for several oxidants. Evidence for a product layer composition dependence on 

oxidant partial pressure has been observed within several systems. 

Oxygen and water represent the contaminants within these studies. 

Oxygen reacts extensively with lithium to generate a stoichiometric Li20 product 

layer which can reach thicknesses of several thousand angstroms. Reaction 



371 

of S02 and CHaCN at pre-oxidized surfaces indicates an amorphous, perme

able structure for the oxide layer. Reaction of water at lithium surfaces yiel.ds 

principally an oxide product layer with trace levels of surface hydroxide. This 

reaction is appreciably less energetic at low partial pressures than that of 

oxygen despite similar average premonolayer sticking coefficients of 0.22 and 

0.23 for 02 and H20, respectively. With the generation of 5 to 6 product 

monolayers, further H20 exposure leads to extensive hydroxide formation as 

hydrolysis of the preceding oxide becomes the predominant reaction. Further 

product formation becomes a function of lithium diffusion to the interface, with 

reduction of the hydroxide to oxide. This process appears reasonably facile at 

temperatures below 34· C. 

Water condensation studies on lithium indicate that a stable surface

water complex is not involved in the overall reaction under the experimental 

conditions employed. This finding is contrary to the results of McLean et al. 

[96]. A plausible explanation for this difference based on surface morphology 

is unlikely given agreement of the results reported in this dissertation and those 

for evaporated films explored by Hoenigman [97]. The significance of contami

nant surface oxygen can be eliminated based on the results of the sequential 

02"H20 exposure results of McLean. What remains to be done is a joint UPS/ 

XPS study of the initial Li/H20 reaction using the Li (1 s) as a direct measure 

of the extent of surface oxidation to correlate UPS and XPS features. The 

results reported within this dissertation show that this is possible. The results 

reported here for the U/02 and H20 systems have lifted the ambiguity in core

level peak correlation with molecular identity, as described by Theil et al. [137]. 
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Sulfur dioxide represents one of the oxidative half-cell constituents 

studied within this dissertation. The previously reported reaction sequence 

involving complete dissociation of the S02 molecule at the lithium surface [99, 

100] is supported by the reported results. In addition, a surface sulfite 

secondary product has been identified in agreement with the results of 

Hoenigman [98, 99]. Previously unreported results are as follows: limited 

product layer growth of 5 to 6 monolayers up to millitorr partial pressures of 

S02 suggesting chemical passivation, the presence of a S02(ads) species 

indicating a similar sulfite formation mechanism as seen with alkaline earth 

oxides [148, 150], and discrete sulfite product layer formation with an approach 

to atmospheric pressures of S02' This latter finding most likely correlates with 

the product transition region observed by Nebesny [100]. This heterogeneous 

product film is susceptible to degradation via S02 desorption and sulfite 

reduction to sulfide and oxide at elevated temperatures. These results do not 

corroborate the anticipated, preferential formation of a surface dithionite product 

[32] nor the identification of dithionite in surface product layers of discharged 

Li anodes from Li/S02 cells [75, 76]. 

The molecular identification of a surface species is facilitated by a series 

of corroborative experimental techniques. Core-level electron spectroscopy 

represents only one possible method. An ideal' additional technique for 

monitoring the U/S02 system would be infra-red spectroscopic analysis due to 

the characteristic frequencies and high molar absorptivity for S-O stretching 

vibrations [144]. Such an analysiS could be conducted both in- and ex-situ in 

a reflectance mode given advances in interferometers, optical materials, and 
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approaches to optical coupling with vacuum systems. This surface probe has 

been employed for in-situ analysis of lithium anode surface films in propylene 

carbonate solutions [82, 84]. 

Sulfuryl chloride has also been studied as an oxidative half-cell 

constituent. The products formed on interaction at the lithium surface are 

identical to those observed for S02' with the exception of a surface chloride 

and a substantial S02(ads) concentration at sub-monolayer exposures. The 

results indicate that the initial step in the fragmentation of S02CI2 is the 

cleavage of the S-CI bonds leaving an S02 species in the immediate vicinity of 

the reaction site. Product layer growth is limited to two equivalent monolayers. 

This differs from the S02 system presumably because of the varying ability of 

each of these molecules to interact with the product layer (specifically, the oxide 

sites). Exposures at higher partial pressures (values within the millitorr range) 

indicate minimal further product layer growth along with a preference for 

chloride formation. This pressure dependence on product formation is most 

likely the result of a stable S02 intermediate which can be evolved from the 

surface. Sulfuryl chloride has not been explored at atmospheric pressure levels 

as has sulfur dioxide. This represents the next stage of investigation required 

for a better understanding of the corrosion processes in this potentially higher 

practical energy density system. 

The oxidant of greatest current interest in terms of energy density is 

actually thionyl chloride. As pointed out previously, this system is plagued with 

a variety of non-anode related corrosion problems [32]. These problems 

translate to experimental difficulties when considering limitations in conventional 
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UHV practices (Le., the use of copper sealing pads in precision leak valves). 

These difficulties are not insurmountable (Le., gold electroplating of copper 

parts). The response of thionyl chloride should be similar to sulfuryl chloride 

assuming complete dissociation of the molecule, without the presence of 

S02(ads) at low surface coverages. The presence of an SO species at the 

surface may generate other possible secondary surface sulfur oxyanionic 

species. These potential differences limit the direct extrapolation of S02 and 

S02CI2 results to SOCI2 and warrant a separate study of this technologically 

important oxidant. 

Acetonitrile, propylene carbonate, and tetrahydrofuran have been 

explored as potential oxidants due to their role as solvents and/or co-solvents 

in a variety of lithium cells. Acetonitrile has shown the greatest activity yielding 

a product monolayer of a cyanide surface product and hydrocarbon (CHx) 

fragments. The presence of trace levels of water « 50 ppm) yield preferential 

cyanide formation with attenuation of the surface hydrocarbons. Carbon

nitrogen multiple bond cleavage is observed at elevated surface temperatures 

(ca. 70°C). Product layer growth is limited to < 3 equivalent monolayers at 

exposure of millitorr pressures. The structure of the first monolayer may be 

striated given the shape of the carbon and nitrogen uptake curves with the 

hydrocarbon fragments positioned at the vacuum/surface interface. Propylene 

carbonate shows limited reactivity toward lithium in the gas phase. It appears 

to associatively adsorb at the lithium surface at room temperature. However, 

the surface interaction is strong enough to generate lithium migration toward 

the interface with subsequent depletion of contaminant sodium within tho near 
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surface region. Additional adsorptiCJn is visible with a less energetic surface 

interaction at partial pressures two to three orders of magnitude greater than 

the initial values. Tetrahydrofuran shows only limited reactivity with a lithium 

surface. Contaminant water within the solvent may aid in fragmentation of the 

molecule at the surface. Exactly what role water plays is not clear. 

8.2 Reaction at the Liquid/Solid Interface 

The previously discussed solvents are of greatest interest as liquids 

interacting at the lithium anode. With the exception of acetonitrile (in a 

secondary role to solvated S02)' none of these solvents have been explored 

at this level. This same argument applies to the liquid cathodes, thionyl and 

sulfuryl chloride. There are two sets of experiments which are progressions on 

the reference data reported within this dissertation. These experiments involve 

the analysis of immersed lithium surfaces in the appropriate reagent followed 

by in- or ex-situ analysis by one or more surface probes. The first study would 

involve immersion of lithium metal. This is difficult to dO given the reactivity of 

the surface and would require a pre-exposure of the surface to the reagent 

vapor for purposes of passivation. The second study would involve immersion 

of oxide and oxide!hydroxide reacted lithium surfaces in the appropriate reagent 

to simulate contamination of the anode surface during battery fabrication. 

These solution-phase exposures, along with surface pre-treatment, can be 

conducted using the coupled lithium evaporation/reaction chamber and 

electrochemical chamber as previously described. 
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The lithium/sulfur dioxide/acetonitrile solution-phase experiments of 

Chapter 4 have demonstrated strong correlation with the modelled gas-phase 

experiments. Reaction of lithium in solution is dominated by the formation of 

a surface sulfite despite the presence of surface oxide/hydroxide layers. This 

is in contrast to the anticipated passivating dithionite surface film [32]. This 

observation clearly indicates that if a clean lithium surface were immersed into 

this electrolyte, initial reaction with vapor-phase S02 would predominate, 

forming a passive sulfite layer. Further reaction beyond 5 to 6 monolayers is 

most likely possible generating a structurally different layei than in the gas

phase with minor compositional variations (Le., the incorporation of cyanide). 

Long-term immersion studies employing a greater sampling depth probe are 

in order for a better understanding of the degree and rate of corrosion. 

Secondary effects such as electrolyte composition should also be studied to 

explore the role of co-solvents and supporting electrolyte salts. Finally, the 

temperature dependence of anode corrosion should be investigated. 

8.3 Electrochemical Behavior of the Lithium Anode 

The questions concerning the reactivity of a lithium surface and 

subsequent product formation have largely been motivated by a desire to 

understand the electrochemical properties of the lithium anode. Correlation 

between surface condition {composition, structure, etc.} and electrochemical 

response has been attempted within this dissertation for the Li/S02 system. 

This study has been limited experimentally to short-term immersion of the 
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anode « 1 0 hr.). The results indicate that pre-passivation of the surface with 

S02' 02' and H20 produce surface films with significantly different 

electrochemical properties. The generation of a rapidly formed oxide layer 

produces substantially greater interfacial polarization (resistance to U+ 

migration) initially and up to 10 hours after immersion. This indicates that 

contamination of the lithium anode during battery fabrication does indeed have 

short-term consequences. Given the comparative exchange current density 

values and the spectroscopic data for the previous immersion studies, the 

possibility of pre-passivating the lithium metal surface with S02 to enhance 

anode performance should be explored. Differences between the effects of 02 

and H20 appear largely structural rather than compositional. All of the surfaces 

explored showed the presence of a variety of U+ migration pathways as 

indicated by poor Tafel behavior upon discharge. Discharge at the interface 

does not appear to produce irreversible mechanical changes yielding more or 

less facile transport with subsequent discharge over short-term « 1 0 hr.) 

immersion. 

The primary concern surrounding the performance of a lithium anode in 

a variety of systems has been extensive corrosion yielding unpredictable initial 

discharge behavior along with a limited lifetime. The voltage delay phenomenon 

described in Chapter 1 may be manifest in the results observed for 1 0 hour 

immersed electrodes. These results indicated extensive irreversible changes at 

the anode interface after the passage of some threshold cumulative charge. 

The studies described in Chapter 6 should be extended to significantly longer 

immersion times to better match conditions for actual battery systems. These 
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experiments would require closer attention to the details of the electrolyte (the 

primary time limitation in the reported experiments). The question of the 

temperature dependence for a given system should also be addressed. 

8.4 Lithium Corrosion of Glasses 

The structural integrity of a potentially hazardous system is also a 

function of secondary material corrosion. The insulators and separators used 

within high energy density battery systems can be tailored to optimize their 

stability in both primary and secondary cells. An understanding of the overall 

stability of these materials starts with identification of the chemical processes 

which occur when lithium is in contact with a given matrix. It has been shown 

that the presence of network modifying alkaline and alkaline earth cations 

significantly attenuate the degree of direct reduction of silicon and boron in 

silicate, alumino-silicate and bore-aluminate glasses. SpecifiC cations undergo 

reductive exchange with surface lithium. Sodium, potassium, and magnesium 

have all shown this affinity for exchange. Magnesium undergoes the least facile 

exchange, but has demonstrated this in a variety of matrices. The ease and 

extent of exchange has been 'correlated with the structure of the network. 

Calcium has been studied extensively with no response found. Barium and 

strontium have shown no response in analogous structural boro-aluminates 

(with respect to Ca2+ and Mg2+). The repercussion of these findings may be 

changes in mechanical properties upon cation exchange within a structure 

under stress [33, 93]. Correlation of these potentially limited surface properties 
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with bulk processes is difficult without intentionally reacting and probing the 

bulk glass. Application of Rutherford Backscattering Spectrometry and solid

state Nuclear Magnetic Resonance Spectroscopy have been employed for the 

compositional and structural analysis of- glasses [191-197]. These techniques 

would be suitable for more extensive (bulk) reaction analysis. 
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