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Enthalpy of Solution of Potassium Tetrafluoroborate in Water and
in Aqueous Sodium Fluoride. Thermodynamic Properties of the
Aqueous Tetrafluoroborate Anion and Potassium Tetrafluoroborate

Donald G. Archer®f

Physical and Chemical Properties Division, National Institute of Standards and Technology,

Gaithersburg, Maryland 20899

An adiabatic calorimeter was used to measure the enthalpy of solution of potassium tetrafluoroborate
(0.01 mol-kg~! to 0.02 mol-kg~1) in water and in aqueous sodium fluoride of different ionic strengths (0.2
mol-kg™! and 0.5 mol-kg™1) at 298 K and 313 K. The present results yield the standard-state enthalpy
and heat capacity for the solution process and, when combined with literature values for solubilities,
yield the standard-state entropy of the solution process. From these properties, and previous measurements
involving potassium tetrafluoroborate, we provide a new analysis of thermodynamic properties of the
aqueous tetrafluoroborate ion and compare these new properties to previous tabulations and explain the

sources of discrepancies in the literature.

Introduction

Materials known as “ionic liquids” have attracted con-
siderable interest recently as replacements for volatile
organic solvents in which synthesis reactions are con-
ducted. These ionic liquids are essentially salts in which
one or more of the ions is a fairly large organic ion. Several
ionic liquids consist of a large organic cation combined with
an inorganic anion. These materials indeed show large
differences, one compared to another, in several of their
properties, including their aqueous solubility and hygros-
copy. Generally, for a given large organic cation, the
aqueous solubilities of the ionic liquids formed with a halide
are much greater than those formed with a less well
hydrated anion (e.g., tetrafluoroborate or hexafluorophos-
phate ions). We have begun examinations of the aqueous
thermodynamics of ionic liquids. We intend to make use
of the additivity of standard-state properties of aqueous
ions. For thermodynamic reasons, we initiate our studies
with moderately soluble ionic liquids. This group is com-
posed largely of ionic liquids that contain either the
hexafluorophosphate ion or the tetrafluoroborate ion. How-
ever, there are some questions as to how well known are
the thermodynamic properties of these aqueous anions.
Large uncertainties in the thermodynamic properties of the
inorganic anions would limit the ability to extract the
standard-state properties of the aqueous cations from
measured thermodynamic properties. As an example of the
level of uncertainty of the thermodynamic properties of
these anions, we cite literature values. The NBS Tables!
gave the enthalpy of formation of the aqueous tetrafluo-
roborate anion as —1574.9 kJ-mol~1, whereas Devina et al.2
gave (—1581.31 £ 3.00) kJ-mol~! as the enthalpy of forma-
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tion value. Literature sources also disagree about values
of the standard-state entropy and the heat capacity of the
aqueous tetrafluoroborate ion. Entropy values of 180
J-K 1:mol~! and 193.3 J- K 1-mol~! are given in the NBS
Tables and by Devina et al., respectively. For the standard-
state heat capacity of the ion, there is disagreement even
on the sign of the property. Devina et al. gave (25 + 5)
J-K~1-mol~!, whereas Shock and Helgeson?® estimated the
value to be —23 J-K~1'mol~!. Considering also the differ-
ences between the two references’? for the formation pro-
perties of crystalline NaBF, and KBFy, fairly large differ-
ences are observed in thermodynamic properties calculated
for real processes. For example, the enthalpies of solution
calculated from the NBS Tables for NaBF, and KBF, are
(29.7 and 54.8) kJ-mol™!, respectively, and are (22.8 and
57.2) kJ-mol~1, respectively, from Devina et al. It seemed
that some improvement could be made. To this end, we
report here new measurements of the enthalpy of solution
of potassium tetrafluoroborate in water and in aqueous
sodium fluoride.

Experimental Section

Chemicals. Potassium tetrafluoroborate (99.99+%) was
obtained from Aldrich. The manufacturer’s purity analysis
used inductively coupled plasma spectroscopy, which iden-
tified 11 metal impurities; the largest impurity was present
at a concentration of less than 10 ppm. The manufacturer’s
atomic absorption analysis identified alkali metal impuri-
ties; in addition to potassium, the largest alkali metal
impurities were rubidium and sodium, both present at less
than 9 ppm. A titration with sodium hydroxide was
performed by the manufacturer to confirm BF; anion
content. The value obtained for BF, was in excess of that
expected theoretically, which is consistent with an assess-
ment indicating that the material does not have a signifi-
cant amount of any hydrolysis products. The 99.99+%
purity was thus based on the trace metals analysis. The
sample of KBF, was stored in a glovebox, the recirculating
atmosphere of which contained less than 1 ppm of water.
Sodium fluoride (99%) was also obtained from Aldrich.
Sodium fluoride solutions were prepared by weight. The
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purity of sodium fluoride was not very critical because its
role was to provide a fluoride-containing medium that was
capable of suppressing the potential hydrolysis of the
tetrafluoroborate ion. Water was distilled and deionized.
All weighings were corrected for buoyancy.

Apparatus and Procedures. The adiabatic solution
calorimeter was that described previously.* The high
accuracy of the calorimeter was demonstrated in ref 4. The
calorimeter’s thermometer was calibrated on the Interna-
tional Temperature Scale of 1990 at NIST. All other
measurement instruments had calibrations that were
performed at NIST or were traceable to NIST. Electrical
calibrations of the calorimeter and its contents were made
both before and after each mixing experiment. At the onset
of mixing in the calorimeter, a controlled amount of
electrical energy was introduced into the calorimeter
through the calibration heater. The observed temperature
change in the calorimeter during the mixing measurement
resulted from the known input of electrical energy, the
change of enthalpy from the mixing, and some much
smaller sources such as the vaporization of water into the
free space in the sample cell, shield imbalance at the onset
of the mixing process, and changes in vapor pressure due
to changes in the temperature of the calorimeter during
the electrical calibrations and the mixing experiment.* The
individual values of the enthalpy change for the dissolution
process were calculated from the observed temperature
changes, which were converted to enthalpy values through
the electrical calibrations of the calorimeter, combined with
the individual known amounts of electrical energy con-
verted to heat in the calorimeter during the early part of
the mixing process, and they were corrected for the
additional small energy effects.

The initial mass of the solute used in the enthalpy of sol-
ution measurements ranged from 0.4 g to 0.7 g. The initial
mass of the solute was determined with an uncertainty of
+0.0002 g. The mass of the solvent, either water or NaF(aq),
was approximately 300 g and was determined with an
uncertainty of £0.1 g. These values can be used to estimate
the uncertainty of the molality of KBF, in the solution. The
mass of NaF(cr) used for the preparation of NaF(aq) was
determined with an uncertainty of +£0.0002 g, and the un-
certainty of the mass of the approximate kilogram of water
used was 0.1 g. These values can be used to estimate the
uncertainty of the molality of the NaF(aq) solutions.
Because of the extended equilibrium periods that varied
from measurement to measurement and the fact that the
conditions of the measurements (i.e., temperature and com-
position) varied from measurement to measurement, it is
not mathematically practical to estimate well the uncer-
tainty of each individual enthalpy of solution measurement.
Rather, the standard deviation of the measurements was
estimated to be £0.15 kJ-mol~1, which was obtained by
applying a model described below to the measurements.
This standard deviation value must contain any model bias
that might exist and so is not directly a measure of the
standard deviation of the measurements but rather pro-
vides the upper bound for that estimated value.

Results

Measured Enthalpies of Solution. The dissolution of
potassium tetrafluoroborate was fairly slow at 298 K,
occurring over a few hours in the calorimeter. However,
the time at which dissolution was complete was obvious
from an examination of the time derivative of the temper-
ature of the calorimeter. An example of some of the tem-
perature drift values for one of the measurements is shown
in Figure 1. Each point in the Figure is a calorimeter drift
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Figure 1. Values of d7/d¢ for the calorimeter during the progress
of one of the measurements.

rate calculated from a first-order representation of 300 tem-
peratures obtained at a 1-s~! sampling rate. Drift rates prior
to and following the first electrical calibration are shown,
as are drift rates following the mixing experiment. As can
be seen, the return to the normal drift characteristics of
the calorimeter is quite obvious, and for that particular
measurement, complete dissolution required more than
10000 s at 298.17 K. Dissolution was faster either at
higher temperature or with sodium fluoride present. At 313
K, in water, dissolution was completed within 1 to 2 h.

The pH values of the solutions formed in the calorimeter
were determined after disassembly of the calorimeter
vessel. For dissolutions of KBF, into water, the pH values
were acidic; for example, at 313 K, pH values fell between
4.5 and 5.5. For dissolution into aqueous sodium fluoride,
the pH values were weakly basic, approximately pH 8. The
acidic pH values resulted from the slow hydrolysis of the
fluoroborate anion:

BF, (aq) + H,0() = BF,0H (aq) + HF(aq) (1)

The equilibrium constant for reaction 1, in dilute solution,
can be approximated from Wamser’s® measurements for
the reaction

HBF(aq) + H,0() = HBF,0H(aq) + HF(aq) (2)

Wamser found, at equilibrium and 298.15 K, that 13.7%
hydrolysis occurred for reaction 2. Additional hydrolysis
reactions follow the first step of reaction 1:

BF,0H (aq) + H,0(1) = BF,(OH), (aq) + HF(aq) (3)
BF,(OH), (aq) + H,0(1) = BF(OH), (aq) + HF(aq) (4)

BF(OH); (aq) = B(OH);(aq) + F(aq) (5)

Mesmer et al.® quantified equilibrium quotients for the sub-
sequent hydrolysis reactions (eqs 3—5). Platford” examined
the effect of aging of aqueous solutions of sodium tetrafluo-
roborate and potassium tetrafluoroborate. Platford” advised
that the half-life for the hydrolysis of 0.01 mol-kg~! NaBF,
and KBF, is 250 h at 298.15 K. We extrapolated the
observed drift temperatures, after dissolution was com-
plete, to the time at which the cell was opened. This
practice should eliminate enthalpy effects from the slow
hydrolysis reactions. The experimental values of the en-
thalpy of solution determinations for potassium tetrafluo-
roborate, the temperatures of the mixing process, and the
final solution compositions are given in Table 1.
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Figure 2. Values of the enthalpy of solution, less a Debye—Hiickel
contribution to the enthalpy, against the ionic strength of the final
solution for 298.15 K: O, present measurements; A, measured
values tabulated by Devina et al.;2 v, value for the standard state
from Wagman et al.l

Table 1. Enthalpy of Solution of KBF4(cr) in Water and
in Aqueous Sodium Fluoride

T(ITS-90) m(KBFy) m(NaF) AgoiHm(0bs)
K mol-kg™! mol-kg™? J-mol !

298.1552 0.011596 0 57.00
298.1691 0.011112 0 57.10
298.1781 0.010950 0 56.68
298.1643 0.011470 0 56.62
298.1547 0.011287 0 56.96
298.1739 0.012647 0.2047 56.99
298.1703 0.012264 0.2047 56.51
298.1686 0.016843 0.2047 56.55
298.1426 0.013942 0.5020 55.43
298.1465 0.019197 0.4995 55.69
298.1648 0.016503 0.5020 54.92¢
313.1441 0.014267 0 54.90
313.1491 0.014414 0 54.48
313.1654 0.017430 0 54.69
313.1614 0.016244 0 54.47
313.1446 0.016682 0 54.72
313.1487 0.015950 0.2015 54.69
313.1578 0.018019 0.2015 55.16
313.1672 0.015307 0.5020 54.56
313.1699 0.019174 0.4995 54.78

¢ This measurement was excluded from the statistical calcula-
tions.

Figure 2 shows values of AgHn, — {v|zmzx|An In[1 +
bI'2]/2b} from the present results for the nominal temper-
atures of 298 K and 313 K against ionic strength, where
the second term in the quantity is a Debye—Hiickel limiting
term for the relative apparent molar enthalpy. The follow-
ing symbols are used: v is the number of particles into
which the solute dissociates (v = 2); zy and zx are the
charges of the cation and the anion, respectively; b is a
constant, chosen to be 1.2 kg2-mol 2; I is the ionic
strength; Ay is the Debye—Hiickel coefficient for the
apparent molar enthalpy, and m° is 1 mol-kg~!. The
Debye—Hiickel coefficients used in the present work were
calculated from the equation of state for water from Hill®
and the dielectric-constant equation from Archer and
Wang.? Also shown for comparative purposes in Figure 2
are values calculated from the individual measurements
reported by Devina et al.? for 298.15 K. The much better
precision of the present values is readily apparent. The
Figure also shows a value of AguHn°(T = 298.15 K)
calculated from the NBS Tables.!

Standard-State Properties of Solution. The standard-
state enthalpy and heat capacity of solution were extracted
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Figure 3. Values of the solubility against temperature: a,
gravimetric results from Crooks et al.;'° v, ICP results from Crooks
et al.;10 O, De Boer and van Liempt;!! v, Ray and Mitra;!2 A, Ray
and Mitra.!3 The solid line was calculated from the standard-state
properties for the solution process given here and a Debye—Hiickel
limiting law for calculated values of the solute activity coefficient.

Table 2. Thermodynamic Properties of the Aqueous
Solution Process for Potassium Tetrafluoroborate and of
the Aqueous Tetrafluoroborate Ion at 298.15 K

AsalH® (56.76 + 0.20) kJ-mol !
Asoleo (—158 £ 18) J-K 1*mol !
dB/dT —4.191 £ 0.74
d2B/dT? 0.1493 + 0.070

derived from solubility and the above results
AsaG° (15.08 + 0.40) kJ-mol !
AsalS° (139.8 £ 1.5) J-K1-mol !

entropy and heat capacity of the aqueous tetrafluoroborate ion
S°(BF4(aq)) (196.3 £ 1.5) J-K~1-mol !
C,°(BF4 (aq)) (=50 £ 18) J-K 1*mol !

from the measured enthalpies of solution. Complete dis-
sociation of potassium tetrafluoroborate and sodium fluo-
ride was assumed. The following function was fit to the
measured enthalpies of solution:

vizyzxlAg In(1 + bIY%)
2b
= Asoleo(Tr) + Asolcpo(Tr)(T - Tr)

AsolI{m -

T°[(dB/AT) + (A*B/AT*\(T — T )IH®
+ 5 (6)

m

where Ay Hyy, is the observed enthalpy of solution, 77 is 1
K, and H° is 1 J'mol 1. AgHn°(T}) and AgC,°(T}) are the
standard-state enthalpy and heat capacity at a tempera-
ture T, which was chosen to be 298.15 K. dB/dT and d2B/
dT? are coefficients of an ionic strength term. The fitted
parameters, and their 95% confidence intervals within this
model, are given in Table 2. We have not used the ion-
interaction model because sufficient ion-interaction terms
to model the process are not available and the present data
are not sufficient to determine all, or even most, of the ion-
interaction terms required.

Figure 3 shows values of the solubility of potassium
tetrafluoroborate in water against temperature. The most
recent value, which was determined by Crooks et al.1® with
inductively coupled plasma spectroscopy (ICP), agrees well
with earlier work by de Boer and van Liempt.!! A second
value determined by Crooks et al., using a gravimetric
method, was somewhat lower. From the ICP result and the
study by de Boer and van Liempt, the solubility at 298.15
K is 0.062 mol-kg~!. The activity coefficient of the solute
is required to calculate the Gibbs energy of solution from
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the solubility value. Because of the low solubility of KBF,
at 298.15 K, the types of data usually used for determining
ion-interaction parameters are not available. Because of
the absence of direct data, we attempted to extract ion-
interaction parameters from solubility measurements of
KBF, in a mixed electrolyte system. Crooks et al. deter-
mined the solubility of KBF, in the aqueous NaBF, + KBF,
system for NaBF4(aq) compositions ranging from 0 to 2.5
mol-kg~1. In principle, one might extract the ion-interaction
parameters for the binary KBF4(aq) from the solubility of
KBF4(cr) against the concentration of NaBF4(aq) if the ion-
interaction parameters for NaBF (aq) are available. Our
attempt at this calculation is described next.

In the Pitzer formalism,!* the activity coefficient of an
electrolyte, MX, in a mixture containing just two sym-
metrical electrolytes with charge z and with a common
anion X is

Inyyx =

22f7+m{BND(+(1 —y)Bf,[X—FyBﬁIX—l-m[(g—y)Cﬁ,JX—i-yC’ﬁIX]

+y[CI)MN + (1 - %)”“/’MNX +@1 - y)I(D'MN]} (7)

where f7 is a function of ionic strength,
72

fy: _A¢[

Byx and Bf/[x are functions of ionic strength, and they
contain the ion interaction terms for pair interactions of
the binary MX electrolyte

Biix = Buik + Pk exp(—ad"?) 9
Byx = fyix + Pang(—od ™) (10)
where
xZ
2[1 — (1 +x+ E)exp(—x)]
glx) = 5 1D
x

and Sk and p\x are ion-interaction parameters for pair
interactions of solute in the binary MX(aq) system and o
is a somewhat arbitrary parameter, which is generally set
at a = 2 (kg-mol) V2 for many aqueous electrolytes. Cyyy is
the ion-interaction term for triplet interactions in the
binary MX(aq) system. ®yn, ¥unx, and @'y, represent
contributions from additional ion interactions that occur
in the ternary solution. The fraction of total solute that is
NX is designated by y. The ion-interaction parameters for
NaBF4(aq) were taken from the tabulation in the reference
by Pitzer.1* The mean ionic activity coefficient of KBF,(aq),
yMx, was obtained from (K/@s,)V2, where Qs is the reaction
quotient for the solubility product from Crooks et al.1 (i.e.,
Qs = m(K*(aq)) m(BF4 (aq))/(m°?)) and K, is the thermo-
dynamic equilibrium constant for the solubility. These
calculated activity coefficients were fitted with the model of
eq 7. The data were capable of supporting the determination
of only S\0x at a 95% confidence interval. We note that
using statistics of parameters to determine the validity of
inclusion of the parameter in the model is problematic. The
validity of the statistical measures of least-squares param-
eters depends on the assumption of correctness of the model.
Reducing the numbers of parameters in a model from those

expected on a theoretical or experiential basis can give
erroneously small uncertainties of the retained parameters.
Fortunately, in the ion-interaction model there is not a high
covariance of the ion-interaction parameters.'® The least-
squares calculation returned fix = —0.12 + 0.07. This
value for KBF4(aq) is about 0.1 smaller (more negative)
than Sy for NaBFy(aq). This difference falls within the
limits of differences of other ion-interaction parameters for
sodium versus potassium salts with a common anion.

The activity coefficient of KBF4(aq) for the 298.15 K
solubility, 0.062 mol-kg~1, was calculated from the ion-
interaction equation using the above determined ﬂi\(,})x =
—0.12, giving y+ = 0.771. The standard-state Gibbs energy
for the solution process at 298.15 K was calculated from
those two values and is Ay, G° = (15.08 £+ 0.4) kJ-mol~1.
The uncertainty in the Gibbs energy of solution was
calculated to be twice the value calculated from an as-
sumption of +0.02 mol-kg~! in the solubility determination.
The combination of that value of the standard-state Gibbs
energy of solution with the standard-state enthalpy of
solution for 298.15 K, Ao H® = (56.76 & 0.2) kJ-mol 1, was
used to obtain a value for the standard-state entropy of
the solution process, AsS° = (139.8 £ 1.5) J-K~1mol 1.

If we take the heat capacity and entropy of KBF4(cr) from
the adiabatic calorimetric measurements described in
Gorbunov et al.’6 (S°(cr) = (157.7 & 0.3) J-K mol~! and
C,°(cr) = (114.7 £+ 0.2) J-K~*mol 1, both for 298.15 K), then
the standard-state apparent molar heat capacity and stan-
dard-state entropy of fully dissociated KBF4(aq) at 298.15
K are C,4° = (=43 £ 18) J-K 1-mol~! and S° = (297.5 £
1.5) J-K~1-mol 1, respectively. The uncertainty calculations
are rough because Gorbunov et al. did not describe the
basis of their uncertainty values. We included them in the
calculation as though they were 95% confidence intervals,
even though this level of certainty would be unlikely.

The combination of the above calculated entropy value
for KBF (aq) with the standard-state entropy of K*(aq) from
the CODATA Key Values!” (S°(K*(aq)) = (101.2 4+ 0.2)
J-K~1-mol™1) leads to the standard-state entropy of the
BF, (aq) anion, S°(BF; (aq)) = (196.3 & 1.5) J-K 1-mol 1.
The basis of the uncertainties in the CODATA Key Values
is unclear to me.

The combination of the above-calculated heat capacity
value for KBF(aq) with the standard-state heat capacity
of the aqueous potassium ion, which can be obtained from
Archer’s standard-state heat capacity value for aqueous
potassium chloride!® and Holmes et al.’s value of C, ,° for
aqueous hydrochloric acid,'”® C,,(K*(aq) = (6.5 £ 4)
J-K 1-mol~1, leads to the standard-state heat capacity of
the aqueous tetrafluoroborate ion, C,°(BF4 (aq)) = (=50 +
18) J-K~1-mol 1.

Solubilities calculated from the standard-state properties
calculated here and reported in Table 2 are shown against
temperature in Figure 3. For this calculation, we used a
Debye—Hiickel calculation of the solute activity coefficient
but did not include the ion-interaction parameters in the
calculation because we do not have the temperature
dependence of the  parameter and because the slopes of
the curves in Figure 2 suggest that the temperature
dependence of this parameter might not be negligible.
Regardless, the calculated solubilities are in good agree-
ment with the reported values.

Discussion

We have reduced the uncertainty of A Hn°(T,) from the
+1.5 kJ-mol~! reported by Devina et al.2 for their results
(the uncertainty is on an unreported basis) to an uncer-
tainty of +0.2 kJ-mol~! (95% confidence interval) for the
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present results. Our value of the heat capacity of the
solution reaction, (—158 + 18) J- K 1-mol 1, is about twice
as large as the value stated by Devina et al., (—=75.6 £+ 5)
J-K~1-mol~1. We demonstrated earlier the accuracy capable
with the present instrument in determining the heat
capacity of the solution process. Although the concentra-
tions here are smaller and the equilibration times are
longer than those in ref 4 and hence the uncertainty of the
enthalpy of solution and heat capacity of solution are
somewhat larger, there is no expectation that the uncer-
tainty of the heat capacity value extracted from the present
measurements is significantly larger than the =418
J-K~1-mol~! that was obtained from the present represen-
tation. Thus, we attribute the difference between our heat
capacity of solution and that from Devina et al. to system-
atic errors in the measurements made by Devina et al. We
note that very different 95% confidence intervals can be
calculated for AgHn°(T) from the Devina et al. measure-
ments, depending upon the model applied. Our fitting of
their measurements using different combinations of pa-
rameters from eq 6 also did not support the uncertainty
that Devina et al. assigned to their value of AC,°(T}),
namely, +5 J-K l-mol~!. The uncertainties stated by
Devina et al. for their enthalpies of solution, when used in
a propagation of error equation, yielded a minimum
uncertainty of £55 J-K 1-mol~! for AsC,°(Ty).

We consider next the agreement of the present values
for the entropy and heat capacity of BF, (aq) with those
reported elsewhere. As noted above, Shock and Helgeson?®
gave C,°(BFs(aq)) = —23 J-K mol~!. Their value was
obtained from a correlation of heat capacity values for
monovalent aqueous oxyanions against the entropies of
those ions. Shock and Helgeson then assumed that cor-
relation would give a reasonable value for the BF, (aq) ion.
In their correlation for the oxyanions, some individual
values showed discrepancies of up to 10 cal-K 1-mol™!
(40 J-K1‘mol™1) or more. For their calculation for the
BF s (aq) ion, they took the entropy of BF, (aq) from the
NBS Tables, S°(BF, (aq)) = 180 J:K~1-mol~!, which is
about 16 J-K~1-mol~! different than the value we obtained
here. If one substitutes the present entropy for BF, (aq)
into Shock and Helgeson’s correlation, then the value
C,°(BFs;(aq) = —2 J-K 1-mol~! would be obtained from
the estimation method. (Shock and Helgeson did not cite
Devina et al. in their analysis.) All things considered, a
rather hefty uncertainty must be considered to be attached
to the C,°(BF4 (aq)) value from Shock and Helgeson.
However, we note that their value is indeed negative, which
is in accord with the observation that most small inorganic
aqueous anions have negative heat capacities on the
conventional hydrogen-based scale. Devina et al., however,
obtained C,°(BFs(aq)) = 25 J-K !-mol™!; that positive
value is not in accord with the usual observations of
negative heat capacities for small inorganic aqueous an-
ions. Neither of those values?? is in good agreement with
the present value, C,°(BF4~(aq)) = (=50 £ 18) J-K~1-mol L.
We attribute the differences to the weakness of the cor-
relation method in Shock and Helgeson and to the afore-
mentioned systematic biases of the measurements made
by Devina et al.

In the above analysis, we took thermodynamic properties
of KBF4(cr) from Gorbunov et al.’® Callanan et al.2% also
measured the low-temperature heat capacity of KBF4(cr)
and gave values of the entropy and heat capacity at 298.15
K. Callanan et al.’s value for the 298.15 K heat capacity is
about 1% greater than that from Gorbunov et al. This
difference, although significantly greater than the accuracy

usually attributed to adiabatic calorimetry, is not signifi-
cant compared to the uncertainty in the standard-state
heat capacity of the solution process. The entropy and heat
capacity for KBF(cr) given in Wagman et al. for 298.15 K
are 152.3 J-K 1mol~! and 110.6 J-K 1-mol 1, respectively.
These values, somewhat smaller than those from either
Gorbunov et al. or Callanan et al., arose from personal
communications that attributed those values to the adia-
batic calorimetry facility of W. H. Johnson. To the best of
our knowledge, those measurements were never published.
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