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Abstract

To obtain osmotic coefficients, a classic static–view apparatus was used to 
measure the difference between the vapor pressure of a solvent and that of 
its salt solution at 25 °C. Vapor–pressure lowering was measured for 
solutions containing a lithium salt (LiCl, LiBr, LiNO3, LiPF6 and LITFSI) 
dissolved in a non–aqueous solvent (dimethyl carbonate, dimethyl sulfoxide 
and acetonitrile) that may be used in a lithium–ion battery. The osmotic–
coefficient data are represented by Archer’s extended Pitzer equation. Mean 
ionic activity coefficients for the salts are calculated from the osmotic–
coefficient data.

Keywords: Osmotic coefficient, Activity coefficient, Lithium salts, Archer–
Pitzer equation, Non–aqueous solvents

1. Introduction 

Because the decomposition voltage of water is low and water is easily 
reacting with the salts in lithium-ion battery, lithium–ion batteries use non–
aqueous solvents [1–5]. The electrolyte solutions in such batteries exhibit 
considerable deviations from ideal behavior, especially at high solute 
concentrations [6]. For modeling and designing a lithium–ion battery, it is 
useful to know lithium– salt activity coefficients. Although activity–coefficient 
data for salts in water are plentiful [7–17], such data for salts in non–aqueous
solvents are rare. 

Only few activity–coefficient data have been reported for non– aqueous 
electrolyte solutions, Barthel and Neueder [18–25] made vapor–pressure–
lowering measurements for some lithium–salt solutions to obtain activity 
coefficients in methanol, ethanol, acetone, acetonitrile, dimethoxyethane, 
and dimethylcarbonate. Nasirzadeh [26] measured activity coefficients for 
LiBr in acetonitrile that agree well with Barthel’s work; he also measured 
osmotic pressures for lithium bromide in methanol, ethanol and 2–propanol 
[27–29] from 25 to 75 °C. Zafarani–Moattar reported osmotic and activity 
coefficients for solutions of LiCl, LiBr, and LiNO3 in 2–propanol at 25 °C [32]. 
Javid measured vapor pressures of solutions of CaCl2 in methanol and in 
ethanol from 25 to 50 °C [33]. Table 1 lists publications that report salt 
activity coefficients for salts in non–aqueous solutions. LiCl, LiBr and LiNO3 
are possible electrolytes for batteries; they are also used in the 



pharmaceutical industry, and in nuclear reactors [34–36]. However, short–
chain alcohols which are widely used in the publications in Table 1 are not 
useful for lithium–ion batteries. More activity coefficients of lithium salts in 
battery-using solvents should be measured. Lithium hexafluorophosphate 
(LiPF6) and lithium bis(trifluorome thanesulfonyl)imide (LiTFSI) are commonly
used in lithium–ion batteries [6,37].

Propylene carbonate (PC) is a polar aprotic solvent widely used in lithium–ion
batteries because of its electrochemical stability, high dielectric constant and
strong ability to dissolve electrolytes [38]. With similar properties, 
acetonitrile (AC) and dimethyl sulfoxide (DMSO) are also possible solvents for
a lithium–ion battery [39,40]. Dimethyl carbonate (DMC) has a low dielectric 
constant but a mixture of DMC and PC gives favorable battery cyclability 
[41]. These salts and these solvents may be useful for lithium– ion batteries. 
However, there are few published data for the osmotic pressures and activity
coefficients of lithium salts in these and other aprotic solvents.

In this work, we used a static method to measure osmotic coefficients for five
salts (LiCl, LiBr, LiNO3, LiPF6 and LITFSI) in three non–aqueous solvents (DMC,
DMSO, and AC) at 25 °C. The osmotic–pressure data are represented by 
Archer’s extension of the Pitzer equation [42,43]. Mean ionic activity 
coefficients for the salts are calculated from our osmotic–pressure data.

2. Materials and methods 

2.1. Materials 

Table 2 reports purities and suppliers of the salts and solvents, and solvent 
dielectric constants. The purities of all salts are more than 99.0% checked by
high-performance liquid phase chromatograph (HPLC Agilent-1260). All salts 
were used without any additional purification except dried at 100 °C under 
vacuum for more than 24 h to remove the water before the experiment. The 
salts were stored under vacuum in a desiccator with dry CaCl2. Solvent 
purities are no less than 99.5% checked by gas chromatography (Agilent HP-
6890) except the water. The water was from the deionized water supply 
system in UCB. The deionized water was distilled and then filtered by a water
purifier. These solvents were used without any further purification. Both the 



solvents and the solutions are frozen and melted at least twice under high 
vacuum for degassing. The manometer liquid, n–butyl phthalate, was also 
degassed under high vacuum for more than 24 h. The purities of mercury 
and n–butyl phthalate are stated by the supplier without further check. The 
densities of the solvents and manometer liquids were measured with 
pycnometers. Table S1 compares our measured density with those from the 
literatures in Supplementary Material. 

2.2. Apparatus 

Fig. 1 shows our classic static–view apparatus, similar to those used by 
Gibson [44] and by Nasirzadeh [45]. The main part of the apparatus is made 
of Pyrex glass. All connections are ground–glass coated with high–vacuum 
grease. The flasks in the water bath are filled with solvent (flask 6) and 
solution (flask 7) prior to attachment to the upper part of the apparatus. A 
thermostatically controlled water bath (VWR 1160) controls the temperature 
to ±0.1 °C. Two electromagnetic stirrers (Corning PC–410D) are used to stir 
the solvent and the solution. The entire apparatus is in an air thermostat. An 
electric heater inside the air–thermostat is controlled by a temperature–
controller (OMRON E5CSV, PID: 0.1). A thermocouple–thermometer (Grainger
Type K) is in contact with the temperature–controller to measure the 
temperature inside the air–bath with accuracy ±0.1 °C. A glass window in the
air thermostat allows observing the manometer. The apparatus is evacuated 
by a vacuum pump (Welch 1400B–01, Max. Vacuum = 0.001 torr). A vacuum
gauge (Grainger 35W1005P) is used for checking the vacuum. Salts, solvents
and solutions are weighed with an electronic balance (Mettler Toledo ME204)
with uncertainty ±1 mg.





The difference between the vapor pressure of the salt–free solvent and that 
of the solution, Δp, is determined by a differential manometer. The 
manometer liquid is n–butyl phthalate for low Δp and mercury for high Δp. 
The density of n–butyl phthalate is 1.0418 g/cm3 at 25 °C, much lower than 
that of mercury, 13.53 g/cm3 at the same temperature. Using n–butyl 
phthalate as the manometer liquid gives Δp with accuracy ±1 Pa at 25 °C. 
The very small vapor pressure of n–butyl phthalate is 9.7 X 10–3 Pa at 25 °C 
[46]. The vapor pressure of n–butyl phthalate is much lower than that of the 
solvents and that of the solutions. N–butyl phthalate is almost involatile at 25
°C. The tiny concentration of n–butyl phthalate in the vapor phase can be 
ignored. The manometer liquid is replaced by new liquid after ten 
measurements to prevent contamination from the solvent. The difference 
between the two liquid levels in the manometer is read by a cathetometer 
(Wild Heerbugg Switzerland KM347) with uncertainty ±0.1 mm. 

Two flasks filled with solution (flask 8) and solvent (flask 9) are located near 
the manometer. Because there may be a very small difference in 
temperature between the air bath and the water bath, the liquids in flask 8 
and flask 9 are used to measure the difference in vapor pressure of the 
solvent and that of the solution. The uncertainties of temperatures in flasks 6
and 7 are less than 0.1 °C. Flasks 6 and 7 are reservoirs to feed flasks 8 and 
9.

The range for Δp can be up to 1200 Pa when using n–butyl phthalate as 
manometer liquid and 16 kPa when using mercury. The uncertainty of the 
measured vapor–pressure difference is less than 0.6 Pa. Table S2 
summarizes our assessment of uncertainties in Supplementary Material. 

2.3. Experimental procedure

Before the measurement of the vapor pressure, the densities of the 
manometer liquids and experimental solvents were measured by 
pycnometers at first. All the density of the liquids were measured at 25 °C 
and 101.3 kPa. During the measurement process, the atmospheres pressure 
in the air bath was measured by a barometer (Oliver Hemming 
W300B105W). The fluctuation of the pressure was less than 1.0 kPa. The 
manometer liquids and experimental solvents were put into water bath and 
kept as 25 °C for more than 2 h. The mass of a 20 ml empty pycnometer 
with its glass cork was measured by the high accuracy electronic balance 
and recorded as Mp in the air bath at 25 °C. Then the pycnometer was filled 
with the deionized water, and the water overflow from the cork was cleaned 
by blotting paper. The pycnometer filled with deionized water was weighed 
again and recorded the mass as Mw. The density of water was calculated as 
(Mw – Mp)/Vp, here Vp equals to 20 ml. For getting more accurate density, we 
also used the 50 ml and 100 ml pycnometers to measure the density of the 
deionized water with the same process. The average of the three results was
recorded as the final density of the deionized water. The densities of other 
solvents and the manometer liquids were measured with the same process. 



Table 2 gives the densities of them. The relative standard uncertainty of 
density is 0.11%, with corresponding standard uncertainty of temperature is 
0.1 °C, uncertainty of pressure is 1.0 kPa. Table S2 summarizes our 
assessment of uncertainties in Supplementary Material.

The difference in vapor pressure between solvent and solution is determined 
by measuring the two levels of the manometer liquid. Degassed solvent is 
used to prepare the solution in flask 7. The mass of salt is M1 and that of 
solvent is M2. The molality of the solution should be a little lower than that 
desired because it is further degassed under high vacuum. After this 
degassing, half of the solution is poured into flask 8. We then measure and 
record the weight M3 of solution in flask 7. After vacuuming flask 7, we close 
stopcock 5. The solvent in flask 6 and that in flask 9 are prepared similarly. 
The four flasks are attached to the upper part of the apparatus with 
stopcocks 14, 15, 16 and 17 closed. Flask 6 and flask 7 are immersed in the 
water bath. They are well–stirred for more than half an hour to insure that 
the temperatures of solution and solvent are the same as that of the water 
bath.

At the same time, we open three–way stopcocks 19 and 20 and connect the 
two legs of the manometer to the vacuum line for at least 30 min. We then 
open stopcocks 14 and 15 to vacuum the solution and solvent in flask 8 and 
flask 9 for at least 30 min. After closing stopcocks 13, 14 and 15, we 
measure and record the two levels of the manometer liquid.

The solvent in flask 6 is connected to one leg of the manometer; the other 
leg, located near flask 9, is connected to the vacuum pump. The difference in
the two levels of the manometer liquid indicates p0, the vapor pressure of the
salt–free solvent. The vapor pressures of three pure solvents shown in Table 
4 were measured by this process. Then we close stopcock 20 and open 
stopcock 15. The difference in vapor pressure between flask 6 and flask 9 is 
measured by the manometer. The difference in the levels of the manometer 
liquid gives Δpsolvent, the difference in vapor pressure between the solvent in 
the water bath and that in the air thermostat. Similarly, we close stopcocks 
15 and 19, then open stopcocks 14 and 20. The solutions in flask 7 and flask 
8 are connected to the two legs of the manometer. The difference in the 
levels of the manometer liquid gives Δpsolution, the difference in vapor pressure
between the solution in the water bath and that in the air thermostat. 
Because the temperature in the air thermostat and that in the water bath are
essentially the same, Δpsolvent and Δpsolution are usually small enough to be 



ignored. The measurements of Δpsolvent and Δpsolution provide only a check to 
determine a possible effect of temperature difference between water bath 
and air bath. If the Δpsolution and Δpsolvent are significant, we give more time to 
make sure that the temperature of the solution in the air bath and that in the
water bath become essentially identical. The decrease of the mass due to 
degassing is very small in both flask 7 and flask 8.





We connect flask 6 and flask 7 to the manometer and measure Δp, the 
difference in vapor pressure between the solvent and that of the solution. 
After the measurement, we reweigh mass M4 of the solution in flask 7.

The molality m of the solution is:

where M* is the molecular weight of the salt. Each Δp is measured at least 
three times; the average is recorded as the final result. Table S2 in 
Supplementary Material shows the uncertainty of the vapor pressure, 
temperature and molality. 



The reliability of the apparatus and procedure were obtained by measuring 
the osmotic pressure for NaCl solutions in water and for LiBr solutions in 
acetonitrile at 25 °C and comparing our results with those in the literatures. 
Tables 3 and 5, and Fig. 2 show the vapor pressures of aqueous NaCl and 
those of LiBr in acetonitrile. Our results agree very well with those reported 
by Robinson [7] and those reported by Nasirzadeh [26].



3. Results and discussion 



3.1. Experimental results

We first measured the vapor pressures of the salt–free solvents. Table 4 
compares our vapor pressures with those from NIST [47] and those from the 
literature [26,48–56]. Agreement is very good. Fig. S1 gives the comparison 
of the deviation for the vapor pressure in Supplementary Material.

Table 5 gives the differences of vapor pressure Δp, between solvent (AC, 
DMC and DMSO) and its salt solution for each of five lithium salts (LiCl, LiBr, 
LiNO3, LiPF6 and LiTFSI) at 25 °C. Activities of solvent and osmotic 
coefficients are calculated from our measurements using basic 
thermodynamic relations [7]:

where as is the activity of the solvent and ϕ is the osmotic coefficient; ν is the
stoichiometric number of the salt; m is the molality of the salt solution with 
unit mol kg–1; M* s is the molar mass of the solvent with unit kg mol–1. For a 
1–1 salt, ν = 2. Osmotic coefficients ϕ are shown in Table 5 and Figs. 3–5.

3.2. Thermodynamic analysis 

3.2.1. Osmotic–coefficient data 

The osmotic coefficients of the solution are fitted to a polynomial of the 
fourth degree in m1/2,

Table S3 gives parameters a, b, c and d in Supplementary Material. Table 5 
shows the correlated results ϕP4 from Eq. (4). 

The equation of Pitzer and Mayorga [58] relates the osmotic coefficient to 
the salt molality. For a 1–1 salt, the osmotic coefficient is represented by



where β(0), β(1), β(2) and Cϕ are Pitzer’s temperature–dependent ion– ion 
interaction parameters. Aϕ is the Debye–Hückel constant; I is the ionic 

strength ; mi is the molality of ion i and zi is its charge. In Eq. (7), ds

is the mass density of the solvent, NA is Avogadro number, e is the 
elementary charge, ε0 is the permittivity of free space, εr is the relative 
permittivity (dielectric constant) of the solvent, and k is Boltzmann’s 
constant. Aϕ is calculated from the density and dielectric constant shown in 
Table 2. Aϕ equals 1.112 for AC, 51.647 for DMC, and 0.893 for DMSO with 
the unit mol–1/2 kg1/2.





From fitting the osmotic–coefficient data, b = 3.2 mol–1/2 kg1/2, α1 = 2.0 mol–1/2

kg1/2, α2 = 10 mol–1/2 kg1/2 for AC and DMSO solutions. For DMC solutions, b = 
95 mol–1/2 kg1/2, α1 = 2.0 mol–1/2 kg1/2, α2 = 20 mol–1/2 kg1/2. Parameters b, α1 
and α2 for AC and DMC are also recommended by Barthel et al. [19]. Table 
S4 shows the ion–ion interaction parameters in Supplementary Material. 
Table 5 also gives the correlated results ϕPitzer.





The equation of Pitzer and Mayorga was extended by Archer [59]; his 
equation includes a third virial coefficient in Eq. (5) for better accuracy at 
high salt concentrations:

where α3 = 1 mol–1/2 kg1/2. Constants Aϕ, b, α1 and α2 are the same as those in 
Pitzer and Mayorga’s equations (Eqs. (5)–(8)). Table 6 shows ion–interaction 
parameters β(0), β(1), β(2), C(0) and C(1). Table 5 gives the correlated results for 
ϕArcher.

The average absolute deviations (AAD) as well as the corresponding root–
mean square deviations (RMSD) of Eqs. (4), (5) and (9) are calculated using:



Table S5 gives the AAD and RMSD for Eqs. (4), (5) and (9) in Supplementary 
Material. Both the fourth degree polynomial (Eq. (4)) and the Pitzer’s 
equation (Eqs. (5)–(8)) use four parameters. Comparing the AAD and RMSD, 
Pitzer’s equation shows better accuracy with AAD less than 0.026 and RMSD 
less than 0.015. But Archer’s equation (Eq. (9)) is better than those two 
equations, especially for the LiTFSI–acetonitrile solution where the osmotic 
coefficients decrease sharply at low concentration. The AAD of Archer’s 
equation is 0.220 and the RMSD is 0.002. Figs. 3–5 show the osmotic 
coefficient curves from Archer’s equation. These curves reveal the typical 
concentration dependence of the osmotic coefficients. They show a sharp 
decrease at low concentration. For lithium–salt solutions in DMC and DMSO, 
the osmotic–coefficient curves rise at high concentration.

Fig. 6 gives the relative deviations between the experimental osmotic 
coefficients data and results from Archer’s equation. The relative deviations 
of osmotic coefficients are all between ±4.0%. Most of the relative deviations
of osmotic coefficients are between ±2.0%, with only a few deviations larger 
than ±2.0% but smaller than ±4.0%.

For the lithium–salt solutions of DMC and AC, the osmotic coefficients 
decrease in the order LiTFSI > LiPF6 > LiBr, probably because the molecular 
weights of the salts decrease in the same order. The larger the ion size, the 
larger the repulsion between them; the repulsive force gives higher osmotic 
coefficients. But the osmotic coefficients of LiBr, LiCl, LiNO3 in DMSO 
decrease in the order LiBr > LiCl > LiNO3 although the molecular weight of 
LiNO3 is higher than that of LiCl. This order of osmotic coefficients also 
appears for lithium salts in 2–propanol [60] suggesting that in DMSO, ion 
pairing of LiCl is higher than that of LiNO3.

Comparing the osmotic coefficients of the same salt in different solvents, 
LiBr in AC and DMSO, LiPF6 in AC and DMC, LiTFSI in AC and DMC, the 
osmotic coefficients decrease in the order DMSO > AC > DMC. This order 
suggests that there is increasing ion–ion attractive interaction from DMSO to 
AC, to DMC, the same as the order of decreasing dielectric constants DMSO 
> AC > DMC.

3.2.2. Mean ionic activity coefficients

From data for the osmotic coefficient it is readily possible to calculate the 
mean ionic activity coefficient using the Gibbs–Duhem equation. The mean 



ionic activity coefficient γ± is calculated using the parameters of Archer’s 
equation for the osmotic coefficient. For 1–1 salts:

Table 6 shows parameters β(0), β(1), β(2), C(0) and C(1). Table 5 and Figs. 7–9 
show c±, Archer calculated from Eqs. (12)–(15). Activity coefficients γ±, Archer 
for salts in DMC are much lower than those in DMSO and AC, probably 
because the low dielectric constant of DMC encourages ion pairing. This 
result is also shown in the LiClO4 + DMC solution reported by Barthel [19].

4. Conclusion

This work reports osmotic coefficients for lithium salts in non– aqueous 
solvents. Osmotic and activity coefficients are presented for five salts (LiCl, 
LiBr, LiNO3, LiPF6 and LITFSI) in three solvents (DMC, DMSO, and AC) at 25 °C.
The osmotic coefficients are well correlated using the Archer–Pitzer equation.
With that equation, activity coefficients are obtained using the Gibbs–Duhem
equation. 

The experimental results reported here may be useful for modeling and 
subsequent development of lithium–ion batteries.
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