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On the basis of direct measurements by UV-vis spectroscopy, the dissociation constant of bichromate was
found to decrease with temperature from 160 to 400°C. For fixed Cr(VI) and KOH concentrations, the
molal concentration of HCrO4- initially increases with temperature but decreases again in the vicinity of
water’s critical point, where the density decreases substantially. The decrease in HCrO4

- at high temperature
and low density may be attributed to (K+)(CrO4

2-) ion pairs, to a high degree of electrostriction about CrO4
2-,

which facilitates the reaction HCrO4- + OH- ) CrO4
2- + H2O, and to ion activity coefficients.

Introduction

The development of hydrothermal technology in recent
years1-5 has stimulated scientific interest in the properties of
supercritical water systems. Acid-base and other ionic equi-
libria have been of special interest because of their central role
in hydrothermal reactions, phase behavior, and corrosion. One
of the important ions in hydrothermal technology is hexavalent
chromium. Insoluble Cr(III) oxide may be separated from high-
level nuclear wastes by hydrothermal oxidation to Cr(VI), which
becomes soluble.6 Also, oxidation of Cr2O3

7-13 is a reason some
stainless steels (e.g., SS 316) lose their corrosion resistance in
oxidative hydrothermal environments.13-16 This oxidation reac-
tion may be used for the extraction of Cr from minerals.17 In
all the above cases, the evaluation of the acid-base equilibria
of Cr(VI) is of crucial importance for understanding and
controlling reaction and separation processes.
Various complementary techniques have been used to study

ionic equilibria under hydrothermal conditions including direct
conductivity measurements,18-22 electrochemical pH measure-
ments,18,23,24 and UV-vis spectroscopy.25-29 However, in
electrochemical pH measurements, it is challenging to develop
accurate reference electrodes for direct pH measurements under
hydrothermal conditions, especially above 325°C.24 UV-vis
spectroscopy is limited to equilibria involving species containing
appropriate chromophores.30,31 Recently, stable pH indicators
have been developed for temperatures up to 400°C.25-29
Hexavalent chromium appears to be an ideal candidate for direct
spectrophotometric study without an indicator, since all the Cr-
(VI) species absorb light in the UV and visible regions.32 This
method33-44 and others45-51 have been used to study acid-base
equilibria of Cr(VI) at 20°C or slightly elevated temperatures.
However, the potentiometric study by Palmer and co-workers50

is the only high-temperature study (to 175°C) of Cr(VI)
equilibria.
The goal of this study is to evaluate the acid-base equilibria

of Cr(VI) at temperatures up to 420°C, where significant
changes in the properties of water and ion solvation occur.
Experimental techniques were developed for rapid measurement,
given the accelerated corrosion of sapphire in basic solutions.
The Results section begins with a description of spectra at
ambient temperature and then up to 320°C, where the spectral
features are relatively easy to interpret. Next, more complex

behavior is described from 320 to 420°C. A wide range of
concentrations of KOH and HClO4 were utilized to manipulate
the acid-base equilibria and to calibrate the absorbances of the
pure components, H2CrO4, HCrO4-, and CrO42-. In the next
section, we determine the dissociation constant of HCrO4

- to
CrO4

2- and (K+)(CrO4
2-) ion pairs, assuming that chromic acid

and dichromate are not present. After analyzing the results in
terms of ion pairing and electrostriction (contraction of water
about an ion), we will justify this assumption with a detailed
study of the dissociation of chromic acid.

Experimental Section

Freshly deionized water (Barnsted Nanopure II, specific
resistivity>17 MΩ cm) was used to prepare all the solutions.
A stock 0.581 M solution of KOH was prepared from>97 wt
% KOH (EM Scientific). The KOH pellets were first washed
on an all-glass Buchner funnel to remove any surface K2CO3,
which may have formed in the reaction with CO2 present in
the air, and then dissolved in water. The concentration of the
KOH solution was determined by titration of a standard solution
of potassium hydrogen phthalate ACS (Aldrich).52 A stock
solution of potassium dichromate ACS (Fisher Scientific) was
prepared by dissolving a sample of the predried (120°C) K2-
Cr2O7 in deionized water and diluting it to a known volume.
Diluted solutions of perchloric acid were prepared from
concentrated, 60% perchloric acid (Aldrich), and their concen-
trations were determined by titration with a standard KOH
solution by using phenolphthalein as an indicator. A solution
of chromic acid was prepared by dissolving a sample of
chromium trioxide (Baker Analyzed Reagent) in water and
diluting to a known volume. The concentration of H2CrO4

solution was determined spectrophotometrically after converting
it to CrO4

2- with excess KOH.
All spectra were obtained with an apparatus modified from

an earlier version.53 A titanium optical cell with an aperture of
5 mm and a path length of 1 cm was equipped with two sapphire
windows (Swiss Jewel Company).54 The pressure in the tubing
connected to the cell was measured with a Heise 710A digital
gauge at low temperature. The solutions first were purged with
nitrogen for 30 min. The spectra were measured with a Cary
3E UV-vis spectrophotometer and corrected for the baseline
of pure water at an identical temperature and pressure. When
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alkaline solutions at temperatures close to or above the critical
point of water were studied, corrosion of the sapphire windows
led to a progressive growth in the baseline. In such cases two
baselines were recorded, one before and one after the experi-
ment. The actual baseline was a weighted combination of both
baselines, such that the average absorbance in the range 592-
600 nm was zero, i.e., where absorption of light due to Cr(VI)
is negligible. The typical time to fully exchange feed solution
in the system was about 5 min. During this time the temperature
in the cell dropped substantially and had to be equilibrated for
a few additional minutes. For strongly alkaline solutions, this
time was sufficiently long to result in strong window corrosion
and, in consequence, to a solution pH change. Therefore, after
the temperature was restored, the cell was flushed additionally
with 0.5-1 mL of the solution, after which the temperature was
equilibrated for a time not exceeding 1 min. The majority of
the spectra were measured at a scan rate 360 nm/min, except
for strongly alkaline media at temperatures close to or above
the critical point, where scan rates of 720 nm/min or, extremely
rarely, 1440 nm/min were used.
Since the spectra are difficult to fit with a small number of

Gaussian peaks and the peak wavelengths of the pure solutes
shift with temperature and density, we chose to use integrated
areas. The absorbance for the wavelength range 320-550 nm
was integrated numerically using trapezoidal rule.

Results and Discussion

Cr(VI) Spectra at Ambient Temperature and Pressure.
The principal equilibria in a Cr(VI) solution are55

with K12 ) (3.4-5.0)× 1014 at 25°C;43,50

with Ka2 ) (2.82-3.16)× 10-7 at 25°C;39,50 and, in strongly
acidic solutions,

with Ka1 ) 1.5 at 20°C.55,56 Also, higher polychromates can
be formed at high Cr(VI) concentrations in very strongly acidic
media:49

Similar condensation reactions occur between Cr(VI) and
anions of other acids, e.g., HCl,37,38,50H2SO4,37 and H3PO4,57

and species such as CrO3Cl-, CrSO72-, and HCrPO72- are
formed.37,38,50,57

All the Cr(VI) species listed above absorb light in the visible
and ultraviolet regions due to charge-transfer transitions from
orbitals localized mainly on the ligand atoms to an orbital
localized mainly on Cr.32 Figure 1 shows the spectra of 2.50
× 10-4 M K2Cr2O7 in different media. The spectra are rather
similar for all the species listed above and exhibit two principal
bands localized around 350-375 and 255-280 nm, which we
call band I and II, respectively (Figure 1). Even though there
are distinctive differences in band positions and molar absorp-
tivities for the various Cr(VI) species, the bands are highly
overlapped. Spectrum 1, obtained for a concentrated 5.82×
10-2 M KOH solution, corresponds to CrO42-. Estimated
concentrations of bichromate and dichromate in this solution
are on the order of 10-10 and 10-18M, respectively, based upon

the equilibrium constants listed above. The predominant species
in the solution acidified with 9.2× 10-3 M perchloric acid
(spectrum 2) was HCrO4-. The estimated contributions of
chromic acid, dichromate, and chromate are less than 1.3%,
4.3%, and 0.005%, respectively. For spectrum 3 with concen-
trated 9.17 M perchloric acid, the predominant species is H2-
CrO4.55,56 Estimated contributions of dichromate and bichro-
mate to the total Cr(VI) concentration are less than 8% and 39%,
respectively. The spectra shown in Figure 1 agree well with
the data published in the literature.33,34,36,42,58

Cr(VI) Spectra up to 320 °C. Figure 2a shows the effect
of temperature on the spectra of a 2.50× 10-4 m K2Cr2O7

solution containing a relatively small excess of KOH. These
spectra were corrected for the density of the solution, which
decreases with temperature. It was assumed that the solution
density is equal to the density of water at the same temperature
and pressure. The correction is made by dividing the measured
absorbances by the density of water at a given temperature and
pressure. At 20°C the amounts of HCrO4-, H2CrO4, and
Cr2O7

2- are negligible, as discussed above, and the spectrum
corresponds to the pure CrO42- solution. A temperature increase
leads to a gradual decrease of the two absorption bands and an
increase in absorption at other wavelengths. At least three
relatively well-defined isosbestic points are formed.
The observed spectral changes with temperature cannot be

due to formation of the dichromate ion, since this reaction
becomes progressively less favorable at elevated temperatures.50

Also they are not caused by higher polychromates, which would
require strongly acidic media and higher Cr(VI) concentrations.49

The most likely explanation, based on both existing literature
data50 and theoretical predictions shown below, is that the
temperature increase makes the dissociation of bichromate less
favorable, leading to a progressive increase in HCrO4

- and a
corresponding decrease in the peak areas (see Figure 1). Indeed,
the spectra recorded at higher temperatures (e.g., 320°C, Figure
2b) resemble closely the spectra obtained for “pure” HCrO4

-

at room temperature (see Figure 1, curve 2), although slight
shifts in wavelength are observed. The presence of the
isosbestic points (Figure 2a) seems concordant with the sug-
gested explanation of the spectral changes in terms of only two
absorbing species, i.e., HCrO4- and CrO42-, remaining in
chemical equilibrium. It cannot be regarded, however, as
evidence for that for two reasons. First, these points are not
true isosbestic points due to the temperature-driven changes in

2CrO4
2- + 2H+ h Cr2O7

2- + H2O (1)

HCrO4
- h H+ + CrO4

2- (2)

H2CrO4 h HCrO4
- + H+ (3)

nH2CrO4 f CrnO3n+1
2- + 2H+ + (n-1)H2O (4)

Figure 1. Ambient temperature and pressure spectra of 2.50× 10-4

mol dm-3 K2Cr2O7 solutions containing predominantly (see text) CrO4
2-

(curve 1, 5.82× 10-2 mol dm-3 KOH); HCrO4
- (curve 2, 9.2× 10-3

mol dm-3 HClO4); H2CrO4 (curve 3, 9.17 mol dm-3 HClO4). Light
path 1 cm.
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band shapes. Second, isosbestic points can also result in more
complicated cases.59,60 Our estimates, based upon literature data
for the (Na+)(SO42-)61 ion pair, indicate that the (K+)(CrO4

2-)
ion pair can contribute to the equilibrium at temperatures above
260 °C. To our knowledge the spectrum of the (K+)(CrO4

2-)
ion pair has not been reported, but it is likely to be very similar
to the spectrum of CrO42- for two reasons. The spectra of
aqueous CrO42- resemble those of alkali metal chromates62 as
well as our spectra at room temperature for 2.50× 10-4 M
K2Cr2O7 + 1.16× 10-2 M KOH solutions in water/dioxane
mixtures. In the latter case the spectra recorded for pure aqueous
solutions and mixtures containing up to 75% dioxane by volume,
which have a significantly lower dielectric constant than water,
were virtually identical. Unfortunately, higher concentrations
of dioxane in the mixture could not be attained, because of either
separation of the solution into water-rich and dioxane-rich phases
or KOH/K2CrO4 precipitation. Consequently, in addition to
HCrO4

- and CrO42-, also the ion pair has to be considered in
the analysis of the spectral data.
Cr(VI) Spectra from 320 to 420 °C. As shown in Figure

2, the spectra obtained in the temperature range 320-420 °C
deviate from what can be expected on the basis of spectral
changes observed at lower temperatures. For instance, an
increase in temperature from 320 to 380°C leads to a small

decrease of absorbance at all the wavelengths for this slightly
basic solution and the isosbestic points disappear (Figure 2a).
Such a change may be due to a partial conversion of HCrO4

-

into chromic acid (see Figure 1), but a change in spectral
parameters of bichromate cannot be ruled out.
A temperature increase from 380 to 400°C seems to reverse

the spectral changes that occurred at lower temperature. The
measured area, corrected for water density, increases again and
band I shifts back to longer wavelengths (Figure 2b). For
instance, the spectra recorded for a 2.50× 10-4 mol kg-1 K2-
Cr2O7 + 4.07× 10-3 mol kg-1 KOH solution at 400 and 260
°C were virtually identical. At higher densities (pressures) these
effects are less prominent than at lower densities, as shown in
Figure 3. A further temperature increase up to 420°C at 27.6
MPa results in an abrupt decrease in the absorbance (Figure
2b), but the positions of band I and II, however, change very
little. We will show that these changes are due to enhanced
formation of ion pairs of CrO42- and K+ at temperatures higher
than 380°C and subsequent precipitation of K2CrO4 at 420°C.
Similar effects of temperature on the area and position of

band I are observed for a wide range in KOH concentration, as
shown for 2.50× 10-4 mol kg-1 K2Cr2O7 solutions in Figures
4 and 5. As temperature increases, both the normalized area
and wavelength maximum decrease up to 380°C and then
increase. In Figures 4 and 5, we have identified the properties
of essentially pure CrO42- and HCrO4- solutions with long
arrows. The assignment of these arrows depends in part upon
calculation of contributions to the measured band areas resulting
from species other than bichromate and chromate, in particular
dichromate and chromic acid. Since these calculations also rely
in part on the two deprotonation equilibrium constants deter-
mined in this study, their results will be presented in the section
dealing with error estimates. The band energy decreases
(wavelength increases) with temperature for both species, and
there is a slight decrease in the integrated area. Similarly, the
energy of band II for pure HCrO4- and CrO42- decreases
(wavelength increases) with temperature. The magnitude of the
solvatochromic effect for both charge-transfer bands is relatively
small63 because of small changes in actual electrical charge
distribution in the chromate ion upon excitation.64 Figure 5
provides additional evidence that the spectra of chromate and

a

b

Figure 2. Temperature effect on the spectra of a 2.50× 10-4 mol
kg-1 K2Cr2O7 solution with 1.98× 10-3 mol kg-1 KOH at 27.6 MPa:
(a) lower temperatures; (b) higher temperatures.

Figure 3. Effect of density on the spectra of Cr(VI) at 400°C. K2-
Cr2O7 concentration: 2.50× 10-4 mol kg-1. KOH concentration: 4.07
× 10-3 mol kg-1.
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the ion pair (K+)(CrO4
2-) are very similar. The wavelength of

band I for chromate estimated at 360°C is only around 1 nm
longer than the wavelength measured in concentrated 5.81×
10-2 mol kg-1 KOH solution, in which the estimated61 ratio of
the ion pair to chromate concentration is around 9:1.
A plot similar to Figure 5 is shown for band II in Figure 6.

In this case, fewer solutions were characterized, because of the
overlap of band II with a band in the far UV region (Figure
2b). The effect of protonation on band II is particularly
important for the present study. While the wavelength of band
I decreases from CrO42- to HCrO4- to H2CrO4, band II has
similar energies for CrO42- and H2CrO4 and significantly shorter
wavelength for HCrO4- (see Figure 1). This large shift for
HCrO4

- makes it easier to decide which protonation equilibrium

is predominant under experimental conditions and responsible
for the observed spectral changes.
To determine if a charge transfer to solvent band for OH-

complicates our results, we measured spectra for a KOH solution
without chromate (Figure 7). An examination of Figures 2 and
7 indicates that this band is at short enough wavelengths such
that it does not interfere with the band I of Cr(VI).
Dissociation Constant of Bichromate,Ka2. In this section,

we will assume that the only substances contributing to the
measured absorbance are chromate, bichromate, and possibly
the (K+)(CrO4

2-) ion pair in the entire temperature range for
KOH concentrations above 5.81× 10-4 mol kg-1. We will
assume chromic acid and dichromate are not present. Because
a large amount of detail will be required to justify this
assumption, it will be presented in the last section of this study.
We will also assume that the spectrum of the ion pair is identical
to the CrO42- spectrum. Based upon this assumption, the
experimentally accessible quantities are bichromate concentra-
tion and the sum of the chromate and the ion pair concentrations.
If this sum is replaced with an effective chromate concentration,
an effective dissociation constantKa2

eff may be defined.

Figure 4. Temperature effect on the integrated area of band I
normalized for density and Cr(VI) concentration for selected K2Cr2O7

solutions at 27.6 MPa. The long arrows indicate the asymptotes
characteristic for CrO42- and HCrO4- (see text). 2.50× 10-4 mol kg-1

K2Cr2O7 with the following KOH concentrations (mol kg-1): no KOH
added (crossed square); 2.91× 10-4 (4); 5.81× 10-4 (0); 9.88×
10-4 (1); 1.98× 10-3 (O); 4.07× 10-3 (2); 1.16× 10-2 (]); 5.81×
10-2 (×). Other solutions: 5.81× 10-3 mol kg-1 KOH + 5.00× 10-4

mol kg-1 K2Cr2O7 (b); 2.50× 10-4 mol dm-3 K2Cr2O7 + 3.83× 10-3

mol kg-1 HClO4 ([); 2.50× 10-4 mol dm-3 K2Cr2O7 + 9.17 mol
dm-3 HClO4 at ambient temperature and pressure (large[).

Figure 5. Temperature effect on the wavelength of band I for selected
K2Cr2O7 solutions at 27.6 MPa. The long arrows indicate the asymptotes
characteristic for CrO42- and HCrO4- (see text). For symbols as well
as K2Cr2O7, KOH, and HClO4 concentrations refer to Figure 4.

Figure 6. Temperature effect on the wavelength of band II for selected
2.50× 10-4 mol kg-1 K2Cr2O7 solutions at 27.6 MPa. KOH concentra-
tion (mol kg-1): 6.97× 10-3 (9); 4.07× 10-3 (0); no additions (b).
HClO4 concentration (mol kg-1): 3.83× 10-3 (2).

Figure 7. Spectra of 3.02× 10-3 mol kg-1 KOH at 27.6 MPa and
different temperatures corrected for the absorprtion of pure water and
solution density.
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The effective dissociation constant of bichromate may be
determined spectroscopically, given the spectra of pure solutions
of CrO4

2- (in some cases with (K+)(CrO4
2-) ion pairs) and

HCrO4
-. By adding a sufficient excess of KOH, the concentra-

tion of HCrO4- is minimized, but corrosion of the sapphire
windows can become a serious problem.27 In addition, the
density correction of the absorbance, which was based on the
assumption of equal density for the solution and water, is less
accurate at high KOH concentrations. However, for many of
the alkaline solutions the integrated area of band I and its
wavelength were found to be independent of the KOH concen-
tration and close to corresponding parameters measured for
CrO4

2- at room temperature. These observations prove that
bichromate is completely dissociated in the temperature range
20-220°C (Figures 4 and 5) for the high KOH concentrations.
In this temperature range there is also a negligible contribution
from the (K+)(CrO4

2-) ion pair as estimated by assuming that
the equilibrium constant for the ion pair is identical to that for
(Na+)(SO42-).61 The areas of pure HCrO4- could not be
obtained in a similar way, i.e., by measuring spectra of strongly
acidified K2Cr2O7 solutions. Unfortunately, dichromate, chro-
mate, and chromic acid may be present along with HCrO4

-.
Therefore, a pure K2Cr2O7 solution was used instead of acidified
solutions. In this case an assumption was made that the areas
measured for pure 2.50× 10-4 mol kg-1 K2Cr2O7 solutions in
the temperature range 160-320 °C were equal to the areas
characteristic for HCrO4-. In the next section, dealing with
error estimates, this assumption will be shown to be valid.
It was also assumed that the integrated areas for pure CrO4

2-

and HCrO4- solutions at temperatures where they were not
experimentally accessible can be obtained from extrapolations
of the asymptotic lines, which were determined for pure
chromate and bichromate (Figure 4). In addition, for pressures
other than 27.6 MPa, for which less extensive studies were
performed, it was assumed that the integrated areas for pure
chromate and bichromate are identical to those measured at 27.6
MPa at a given temperature. This assumption is consistent with
the small change in area in Figure 4 for HCrO4

- over a wide
temperature range, where density changed by a factor of 3.
By assuming that only bichromate, chromate, and the

(K+)(CrO4
2-) ion pair are present in solution,Ka2

eff may be
determined for a Cr(VI) solution as follows. The absorbance,
A, at wavelengthλ is given by:

where [Cr(VI)]0 represents the initial molar concentration of
Cr(VI) and ελ is the apparent molar extinction coefficient of
the solution. Because of the change in water density with
temperature and pressure, a standard state based upon molal
concentrations is preferrable.65 For dilute electrolyte solutions,
the molality of species S,ms, may be obtained from the molarity
as follows:

whereF is the density of pure water. Substitution of eq 6 into
eq 5 yields

whereAnorm ) A/F.
Equation 5a can be integrated and combined with the Cr(VI)

mass balance (shown below) to give

whereE, EHCrO4-, andECrO42- correspond to the integrals in the
range 320-550 nm of the measured extinction coefficients for
the given solution, pure bichromate, and pure chromate,
respectively.
An activity coefficient model is required to extract the desired

equilibrium constants from the measured spectra. It is assumed
that individual ionic activity coefficients are not sensitive to
specific properties of ions, and for singly charged species they
can be approximated by Pitzer’s formula66 for the mean ionic
activity coefficientγ( of a 1-1 electrolyte:

whereb ) 1.2. The ionic strengthI is given by

wheremi and zi are molalities and charges of all the ionic
species in solution. The Debye-Huckel parameterAφ is given
by

whereN0 is the Avogadro’s number,e is the charge of the
electron,ε is the dielectric constant of water as calculated by
Uematsu and Franck,67 and F is the water density calculated
according to steam tables.68 The activity coefficients for
multiply charged ions are given by the formula69,70

From the above assumptions, the Cr(VI) and K mass balances
and the charge balance are given by

An effective dissocation constant for bichromate may be
defined by

where the effective CrO42- concentration includes ion pairs if
present. The presence of ion pairs introduces some uncertainty
into eqs 14 and 15, as diccussed below. The equilibrium
constant for KOH asociation19 is given by

A) ελ[Cr(VI)]
0

) ελ
HCrO4-

[HCrO4
-] + ελ

CrO42-
[CrO4

2-]eff (5)

ms ) [S]/F (6)

Anorm) ελmCr(VI)
0 ) ελ2mK2Cr2O7

0

) ελ
HCrO4-

mHCrO4- + ελ
CrO42-

mCrO42-
eff (5a)

mCrO42-
eff ) ( E- EHCrO4-

ECrO42- - EHCrO4-)2m0
K2Cr2O7

(7)

mHCrO4- ) ( E- ECrO42-

EHCrO4- - ECrO42-)2m0
K2Cr2O7

(8)

ln γ( ) -Aφ [ I1/2

1+ bI1/2
+ (2b) ln(1+ bI1/2)] (9)

I ) (1/2)∑
i

mizi
2 (10)

Aφ ) (2πN0F/1000)
1/2 (e2/εκT)3/2/3 (11)

ln γz ) z2 ln γ( (12)

mHCrO4- + mCrO42-
eff ) 2m0

K2Cr2O7
(13)

mK+ + mKOH ) 2m0
K2Cr2O7

+ m0
KOH (14)

mK+ + mH+ ) mOH- + mHCrO4- + 2mCrO42-
eff (15)

Ka2
eff )

mCro42-
eff mH+γ4

(

mHCrO4-
(16)
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and for the ionic product of waterKw
71

All the concentrations andKa2
eff were calculated numerically

by using an iterative procedure based on succesive substitutions.
An initial assumption was that all the ionic activity coefficients
were equal to unity. Iterations were performed until variations
in the mass and charge balances were lower than 1× 10-15

mol kg-1 and the variations in the equilibrium constants were
on the order of 10-10% or less.
For the majority of temperatures,Ka2

eff values at 27.6 MPa
were obtained from measurements performed for 2.50× 10-4

m K2Cr2O7 solutions at six to eight different KOH concentra-
tions. Some of the results were also obtained for 5.00× 10-4

and 1.00× 10-3 m K2Cr2O7 solutions. Typical experimental
results obtained for selected solutions and temperatures are given
in Table 1. All of the measured equilibrium constantsKa2

eff

obtained are listed in Table 2, and Figure 8 shows the effect of
temperature onKa2

eff at a constant pressure 27.6 MPa. In the
temperature range 160-180 °C our data agree well with the
data obtained from potentiometric measurements by Palmer and
co-workers.50 As is seen from Figure 8 the dissociation of
bichromate (eq 2) is exothermic at 27.6 MPa, as expected for
the reaction of a relatively strong acid. Part of the change in
Ka2

eff results from an isobaric decrease in density with temper-
ature. The effect of density onKa2

eff at selected temperatures
is shown in Figure 9. This ionogenic reaction, eq 2, is less
favorable in low-density media, where the loss in the dielectric
constant of water67 decreases the ability of water to solvate ions.
The monotonic decrease of the bichromate dissociation

constant with temperature may seem surprising, given the
decrease in HCrO4- concentration at 400°C. Two factors that
influence this result will be considered. The first is the
formation of ion pairs in the supercritical region due to the very
low values of the dielectric constant. Also, the precipitation
that occurs at 420°C seems likely to be preceded by some
aggregation in the solution phase. The second is the electros-
triction of water about divalent CrO42- versus that about
monovalent ions.
An actual ratio of equilibrium molalities of the ion pair

(K+)(CrO4
2-) and chromate ion is given by the formula

SinceKip is unknown, we assume thatKip may be approximated
by the equilibrium constant for (Na+)(SO42-) ion pair formation,
which has been determined at pressures slightly above the vapor
pressure up to 320°C.61 Since neithermK+ nor γ( change
significantly as a result of the ion pair formation in the solutions
with low Cr(VI) concentration, the calculation of the concentra-
tion ratio given by eq 19 becomes much simpler. In this case,
it is reasonable to use the K+ molalities and activity coefficients
determined in the calculations ofKa2

eff (eqs 13-18, Table 1).
The above concentration ratio approaches 0.025 at 160°C, 0.15
at 220°C, 1.10 at 280°C, and 3.25 at 320°C for the highest
initial KOH molalities applied, which were 3.02× 10-3, 6.97
× 10-3, 1.74× 10-2, and 1.74× 10-2, respectively. These
numbers are probably a little overestimated, since the larger
K+ most likely forms weaker ion pairs than Na+.

An error inKa2, generated by association of K+ and CrO42-,
can be estimated, if it is assumed that the spectra of CrO4

2-

and (K+)(CrO4
2-) are identical, i.e., integrated areas for both

species are equal as assumed above. In such a case the sum of
CrO4

2- and (K+)(CrO4
2-) molalities is determined from the

measured spectra (eqs 5, 5a, 7). The effective equilibrium
constantKa2

eff is then given by the equation

The differences∆pKa2 between negative logarithms of the
estimated true (Ka2) and experimental, i.e., effective (Ka2

eff),
dissociation constants may be obtained from this equation. The
results, which were obtained for solutions in which the ratio of
the HCrO4- concentration and effective CrO42- concentration
was closest to unity, are listed in Table 2 for the temperature
range 160-360 °C. Similar estimates at temperatures higher
than the critical temperature (374°C) were not made due to
the large error involved in extrapolation of the association
constants for (Na+)(SO42-), which were determined along the
saturation curve. At supercritical conditions, density would have
a pronounced effect on ion pairing. Inspection of these data
reveals that the effect of ion pairing onKa2 remains within
experimental error up to approximately 260°C or perhaps up
to a little higher temperature due to the possible overestimation
of the ion pairing effect. At higher temperatures, modest
differences are observed. Because (K+)(CrO4

2-) ion pairs are
more stable than CrO42- for low values of the dielectric constant,
they play a major role in the increase in absorbance at 400°C.
The values ofKa2

eff in Table 1 at a given temperature are
relatively constant for a range in KOH concentration, suggesting
that the term in parentheses in eq 20 is relatively constant. Either
Kip is sufficiently small or an increase in K+ is compensated
by a decrease inγ(. BecauseKa2 is constant, it is of practical
use in the determination of Cr(VI) equilibrium.
We now discuss the effect of electrostriction on the absor-

bance increase at 400°C. Instead of examining the dissociation
of bichromate (Ka2), it is more useful to consider the following
isocoulombic reaction

This reaction is simply the difference between the dissociation
of bichromate and water.
The equilibrium constantKbHA for eq 21 is given by

For the purpose of the following analysis it was assumed that
Ka2

eff was equal toKa2.
A plot of logKbHA versus 1/T (Figure 10) exhibits a minimum

at 380°C, and its increase at 400°C seems to be in agreement
with the observed decrease in the HCrO4

- concentration. The
data were fit by using a modified Born model26-29 as follows:

whereT0 andF0 are the reference temperature and density and
zandr are charges and radii (in angstroms) of the various ions.

Kas)
mKOH

mK+mOH-γ(
2

(17)

Kw ) mOH-mH+γ(
2 (18)

mKCrO4
-/mCrO42- ) KipmK+γ(

4 (19)

Ka2
eff ) Ka2(1+ KipmK+γ(

4) (20)

HCrO4
- + OH- ) CrO4

2- + H2O (21)

KbHA ) Ka2/Kw (22)

ln KbHA(T,F) ) ln KbHA(T0,F0) + (∂ ln KbHA

∂(1/T) )
F0
(1T- 1

T0) -

83459
T ( 1

ε(T,F)
- 1
ε(T,F0))(z

2
CrO42-

rCrO42-
-
z2HCrO4-

rHCrO4-
-
z2OH-

rOH- ) (23)
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In this model, the Born radii are adjusted from the bare ion
values to include waters of hydration.

As in a previous study,26 we assumed that the radius of the
strongly hydrated OH- ion equals 2.58 Å72 and that the change
of the Gibbs free energy of water with density is much smaller
than the corresponding changes of the solvation energies of the
ionic substances. The temperature 180°C was selected as the
reference temperature and the corresponding density (0.904 g
cm-3) as the reference density. The value of (∂ ln KbHA/∂(1/
T))F0 was 8543 K-1 and ln KbHA(T0,F0) was 8.388. The
equilibrium constants were underestimated over the entire
temperature range when the radii of both chromate and
bichromate were assumed equal to 1.646 Å, i.e., the crystal-
lographic radius of CrO42-.32 Much better fits were obtained
if a larger radius for the divalent and presumably strongly

TABLE 1: Selected Experimental Data for 5.0× 10-4 m Cr(IV) Solutionsa

areab m0
KOH × 103 mHCrO4

- × 104 mCrO4
2- × 104 -logmH+ I × 103 γ( pKa2

t ) 160°C, p) 27.6 MPa,d) 0.923 g cm-3, pKw ) 11.43
81.56 0.291 2.70 2.30 7.17 1.02 0.951 7.32
99.94 0.581 1.37 3.63 7.72 1.44 0.943 7.40
112.1 0.988 0.495 4.51 8.10 1.94 0.934 7.26

t ) 240°C, p) 27.6 MPa,d) 0.837 g cm-3, pKw ) 11.01
85.96 1.975 2.23 2.77 8.15 2.74 0.902 8.23

t ) 300°C, p) 27.6 MPa,d) 0.747 g cm-3, pKw ) 11.11
60.89 1.975 3.93 1.07 8.26 2.54 0.881 9.04
79.39 6.972 2.60 2.40 8.73 7.33 0.811 9.13

t ) 360°C, p) 27.6 MPa,d) 0.604 g cm-3, pKw ) 11.91
49.81 3.02 4.61 0.390 9.16 3.33 0.804 10.62
64.70 11.6 3.54 1.46 9.57 10.4 0.688 10.61

t ) 380°C, p) 27.6 MPa,d) 0.506 g cm-3, pKw ) 12.83
52.85 4.07 4.35 0.646 10.07 3.98 0.720 11.47
67.99 11.6 3.27 1.73 10.34 9.46 0.610 11.47
74.69 17.4 2.79 2.21 10.42 13.3 0.560 11.53

t ) 400°C, p) 27.6 MPa,d) 0.243 g cm-3, pKw ) 17.15
62.32 0.988 3.64 1.36 13.29 1.23 0.547 14.76
64.44 1.975 3.49 1.51 13.50 1.72 0.492 15.09
90.51 4.07 1.62 3.38 13.60 2.98 0.397 14.89
105.7c 0.581 8.63 1.37 12.94 1.50 0.515 14.89

t ) 400°C, p) 31.0 MPa,d) 0.396 g cm-3, pKw ) 14.18
86.50 17.4 1.91 3.09 11.47 11.2 0.437 12.70

t ) 400°C, p) 34.5 MPa,d) 0.468 g cm-3, pKw ) 13.17
77.73 17.4 2.53 2.47 10.66 12.2 0.527 11.78

t ) 400°C, p) 41.3 MPa,d) 0.533 g cm-3, pKw ) 12.37
67.07 17.4 3.30 1.70 10.00 13.0 0.593 11.20

a All the concentrations and ionic strengths expressed in molal concentration scale. The densities calculated according to ref 68.b A is the actual
area integrated between 320 and 550 nm corrected for density.c m0

Cr(VI) ) 1.0× 10-3 mol kg-1.

TABLE 2: Dissociation Constants of Bichromate (Ka2) and
Chromic Acid (Ka1)

temperature
(°C)

pressure
(MPa)

densitya

(g cm-3) pKa2
eff b ∆pKa2

c pKa1

160 27.6 0.923 7.41( 0.11 0.004
180 0.904 7.63( 0.11 0.006
200 0.883 7.85( 0.07 0.009 1.70
220 0.861 8.00( 0.08 0.02
240 0.837 8.17( 0.16 0.04 1.76
260 0.810 8.45( 0.06 0.09
280 0.780 8.76( 0.07 0.17 2.02
300 0.747 9.13( 0.13 0.34
320 0.709 9.49( 0.09 0.58
340 0.663 9.94( 0.11 0.78 2.96
360 0.604 10.61( 0.11 0.95
380 0.506 11.56( 0.03
400 0.243 14.96( 0.14
160 31.0 0.925 7.31
200 0.885 7.80
280 0.785 8.56
400 0.396 12.70
160 34.5 0.926 7.27
200 0.888 7.80
280 0.788 8.55
400 0.468 11.78
160 41.3 0.930 7.21
200 0.892 7.74
280 0.796 8.46
400 0.533 11.20

aRef 68.b The uncertainties in the pKa2
eff values determined at 27.6

MPa indicate one standard deviation. Because of fewer data points at
other pressures, the statistical analysis could not be performed.
c Estimated error in pKa2 resulting from the (K+)(CrO4

2-) ion pair
formation as described in the text.

Figure 8. Effect of temperature on the dissociation constants of
bichromate (Ka2) and chromic acid (Ka1) at constant pressure, 27.6 MPa.
Solid squares: data taken from ref 50. Solid lines: calculated using
modified Born equation (see text).
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solvated CrO42- was assumed, while keeping 1.646 Å for the
radius of the singly charged HCrO4-. A value of 4.35 Å for
the chromate ion radius resulted in the best fit (see Figure 10).
The KbHA values obtained at pressures higher than 27.6 MPa
were also fitted well by eq 23 with the same radius (Figure
10).
A significant drop in the dielectric constant, which occurs in

the temperature range 380-400°C, leads to decreased solvation
of all the ions. Since the Born solvation energy of an ion is
proportional to z2/r, the chromate ion would be strongly
destabilized relative to the monovalent ions if it had a similar
Born radius. The large radius regressed for CrO4

2- may suggest
that it is very strongly hydrated and may probably retain its
first two coordination shells even in supercritical water. This
hypothesis is supported by radial distribution functions for
divalent cations.73 However, the unusually large effective radius
may indirectly reflect the ion pairing of CrO42- relative to
HCrO4

- in low ε media.

Strong ion-ion interactions in solutions with low dielectric
constant lead not only to ionic association but also to lowering
of ionic activity coefficients (Table 1). Even though the
boundary between these two phenomena is somewhat arbitrary,
they may be discussed separately with generally accepted
models. Figure 11 shows the experimental values of the
equilibrium constantKbHA and the corresponding equilibrium
concentration quotientQbHA. TheQbHA was determined from
eq 16 withγ( ) 1. As can be seen, logQbHA measured at 400
°C for 4.067× 10-3 mol kg-1 KOH is approximately 0.8 log
units higher than logKbHA, whereas the difference measured at
380 °C is only around 0.3 log units, even though the ionic
strength in the latter case was higher. In other words, low
activity coefficients shift the equilibrium toward formation of
CrO4

2-, in a similar way as solubility of a sparingly soluble
salt increases in the presence of high ionic strengths of an
indifferent electrolyte. The effect is especially strong at 400
°C and can contribute also to the observed increase in absor-
bance at this temperature.
Verification of the Assumptions and Error Estimates. It

can be expected that the principal source of error in the present
work is the neglect of the species other than chromate and
bichromate in the Cr(VI) equilibria. The integrated areas used
for calibration of the pure chromate and bichromate ions (eqs
7 and 8) can be distorted by the presence of these other species.
These other species will also produce errors in application of
eq 5a. An accurate estimate of these errors is possible only
when all the equilibrium constants and integrated areas for all
the species considered are known, which is not possible in the
present study. However, a detailed analysis of the results,
presented below, suggests that the equilibrium constants pre-
sented above are reasonably accurate.
(i) Errors in the Integrated Areas for Standard Chromate

and Bichromate Standard Solutions. The accuracy of the
determination of the integrated areas for the HCrO4

- and CrO42-

standards can be estimated by using the values ofKa2determined
in this study as well as estimated equilibrium constants for the
formation of dichromate and chromic acid. The standard
solutions are used to determineEHCrO4-, andECrO42- in eqs 7-8.
The equilibrium constantK21 for dichromate formation (eq 1)
in the range 25-175 °C can be calculated from the data of
Palmer et al.,50 whereas for higher temperatures, they can be
obtained from extrapolation of the linear dependence of logK21

versus the inverse temperature. The dissociation constantsKa1

of chromic acid (eq 2) were estimated from our own experi-
ments, as described in the next section.

Figure 9. Effect of density on the dissociation constant of bichromate.
Temperatures: 160°C (0); 200 °C (O); 280 °C (2); 400 °C (9).

Figure 10. Effect of temperature and density on the equilibrium
constant of the reaction HCrO4- + OH- w CrO4

2- + H2O. Lines
represent isobars and isochores calculated using the modified Born
equation (see text). Experimental points obtained at the following
pressures: 27.6 MPa (b); 31.0 MPa (0); 34.5 MPa (9); 41.3 MPa
(O).

Figure 11. Equilibrium constants (open symbols) for the reaction of
bichromate with OH- and corresponding concentration quotients (filled
symbols) at 27.6 MPa and selected temperatures.
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Pure K2Cr2O7 solutions were used as standard HCrO4
-

solutions in the temperature range 160-320°C. To determine
the contribution of dichromate to the Cr(VI) mass balance, eqs
9-12 and modified equations for mass and charge balances to
include Cr2O7

2- were used. In addition, an expression for the
equilibrium constant of reaction 1 was included:

At 160 °C, the calculated molalities of HCrO4-, CrO42-, and
Cr2O7

2- were 4.9× 10-4, 4.3× 10-6, and 1.5× 10-6 mol
kg-1, respectively. At 320°C they were 5.0× 10-4, 8.2×
10-8, and 5.0× 10-7 mol kg-1, respectively. In both cases,
the concentration of both impurities is negligible compared with
bichromate.
The integrated area for the dichromate ion34 is about 1.5 times

the area measured for the identical Cr(VI) equivalents of
HCrO4

-. The integrated area for chromate, on the other hand,
is roughly 2.4 times larger than the area for HCrO4

-. The
estimated error of the integrated bichromate area measured for
a 2.50× 10-4 mol kg-1 K2Cr2O7 solution from the presence of
dichromate and chromate can be estimated as 1.6% at 160°C
and 0.14% at 320°C. This negligible contribution is even
smaller at higher temperatures.
The contribution of chromic acid to the absorbance of K2-

Cr2O7 solutions, which were used as HCrO4- standards, was
estimated in the temperature range 200-340°C, for whichKa1

was determined as shown in the next section. Only monomeric
Cr(VI) species were considered in the mass balance. At 200
°C the calculated concentrations of HCrO4

-, CrO42-, and H2-
CrO4 were 5.0× 10-4, 2.1× 10-6, and 9.1× 10-8 mol kg-1,
respectively. At 340°C the calculated concentrations were 5.0
× 10-4, 4.7× 10-8, and 6.5× 10-7 mol kg-1, respectively.
Since concentrations of both H2CrO4 and CrO42- are at least 2
orders of magnitude lower than HCrO4- concentration, their
contribution to the measured absorbance of pure K2Cr2O7

solutions is negligible in the temperature range 200-340 °C.
The contribution resulting from the presence of H2CrO4 should
be even smaller at 160°C. In conclusion, pure 2.50× 10-4

mol kg-1 K2Cr2O7 solutions contain almost exclusively HCrO4-

in the temperature range 160-340 °C and can be used as
standard HCrO4- solutions for the spectrophotometric deter-
mination of the Cr(VI) acid-base equilibrium constants.
(ii) Estimate of the Dissociation ConstantKa1 of Chromic

Acid. There are no published data on the dissociation of
chromic acid at high temperatures, and extrapolation from the
limited data at temperatures close to 20°C33,37,56would be very
inaccurate. Our approximate determination ofKa1 was based
on spectral measurements for K2Cr2O7 and H2CrO4 solutions
as well as K2Cr2O7 solutions acidified with perchloric acid.
Perchloric acid is believed37 not to form substituted chromates.
However, it slowly decomposes to chlorine and oxygen at
elevated temperatures.74 To test the stability of perchloric acid,
we measured spectra of a 0.01m HClO4 solution in the
temperature range 200-360°C. We observed no decomposition
of the acid for temperatures up to 300°C and residence times
as long as 30 min, which agrees with reported slow kinetics.74

At 360 °C and for residence times longer than 10 min a weak
band with an absorption maximum around 370 nm was detected.
Since intermediates of the reaction are unstable,74 the band was
interpreted to be molecular chlorine, even though it was red
shifted by some 40 nm from its position in the gas phase.75

Approximately 6% of the acid decomposed after 0.5 h, giving

rise to a density-corrected absorbance on the order of 0.025.
With the much shorter residence times employed in our
experiments, typically around 2 min, decomposition of HClO4

is not expected to influence the composition of a Cr(VI) solution
nor its spectrum.
We found that the areas normalized for Cr(VI) concentration,

measured for 5.70× 10-4mchromic acid, pure 2.50× 10-4m
K2Cr2O7, as well as 2.50× 10-4mK2Cr2O7 acidified with 3.83
× 10-3mor less concentrated HClO4, were very similar in the
temperature range 20-320 °C, indicating H2CrO4 was not
formed in significant quantities. A large decrease in absorbance,
most likely due to formation of chromic acid (see Figure 1),
could be observed for 2.50× 10-4mK2Cr2O7 solution acidified
with 9.31× 10-3 mHClO4 in the temperature range 200-280
°C, 5.70× 10-4mH2CrO4 without HClO4 at 340°C, and 2.50
× 10-4mK2Cr2O7 acidified with 3.83× 10-3 m HClO4 at 360
°C. It was assumed that chromates and dichromates were not
formed, which seemed reasonable in the light of calculations
presented above. It was also assumed that perchloric acid was
fully dissociated in this temperature range.76

The actual concentration ratios of chromic acid and bichro-
mate for the acidified solutions were calculated from integrated
normalized absorbances by using equations analogous to eqs 7
and 8. Because of the lack of a more reasonable estimate, it
was assumed that the normalized area for pure chromic acid is
equal to the one measured at room temperature in 9.17 M
perchloric acid. Since HCrO4- is probably not completely
protonated in this medium (see above), this area is most likely
overestimated. An overestimate of the area for H2CrO4 is
expected to result in an underestimatedKa1 or an upper bound
on the concentration of H2CrO4. The area for pure bichromate
was the one used for the determination of theKa2. The Cr(VI)
mass balance is

for a dichromate feed solution and

for chromic acid feed solution. The potassium mass balance
for a K2Cr2O7 feed solution is

The charge balance for a K2Cr2O7 feed solution is

or for a H2CrO4 solution is

The following expression was used for the equilibrium
constant of reaction 3:

FromKa1, equilibrium constants for the isocoulombic reaction
between H2CrO4 and OH- were calculated and modeled with a
modified Born equation26-29 similar to eq 23. The reference
temperature was selected as 240°C, and the radius of HCrO4-

was assumed to be equal to the crystallographic radius of
CrO4

2-, i.e., 1.646 Å.32 The model fit the equilibrium constants
obtained in the temperature range 200-340 °C (Figure 8 and

K21 )
mCr2O7

2-

mCrO42-mH+
2 γ(

2
(24)

mHCrO4- + mH2CrO4
+ mCrO42- ) 2m0

K2Cr2O7
(13a)

mHCrO4- + mH2CrO4
+ mCrO42- ) m0

H2CrO4
(13b)

mK+ ) 2m0
K2Cr2O7

(14a)

mK+ + mH+ ) mOH- + mHCrO4- + mClO4
- + 2mCrO42- (15a)

mH+ ) mOH- + mHCrO4- + 2mCrO42- (15b)

Ka1) (mHCrO4-mH+γ(
2)/mH2CrO4

(25)
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Table 2). However, the equilibrium constant obtained from the
experiment performed at 360°C with the solution acidified with
3.83 × 10-3 m HClO4 deviated strongly from the model,
indicating that perchloric acid was not fully dissociated under
these conditions. The model was further used to calculate the
dissociation constants of chromic acid at temperatures higher
than 340°C.
(iii) Errors in Density. The accuracy of the normalized

absorbance depends on the uncertainty in the solution density.
We have utilized density data for NaCl solutions to estimate
the effect of solution density onmHCrO4

-. The density of a 0.2%
NaCl (approximately 3.4× 10-2 mol kg-1) solution at 396°C
and 271 atm pressure, i.e., under conditions very similar to our
experiments, is around 7% higher than the pure steam density
under identical conditions.77 At lower temperatures this dif-
ference is smaller. Consequently, the absorbance measured at
400 °C and 27.6 MPa for our more dilute solutions may be
overestimated by approximately 7%, whereas the observed
increase in the normalized absorbance is much higher (Figure
4). In addition, the absorbance increase is accompanied by a
spectral shift indicating a change in equilibrium, not just a
change inmHCrO4

- (Figures 4 and 5). Clearly, the density effect
on the normalized absorbances is minor compared with the
change in chemical equilibrium.
(iv) Other Sources of Error. A 1% uncertainty in KOH

concentration produces an uncertainty of 0.1 in pKa2 at 160°C
for the lowest KOH concentration (2.91× 10-4 m) and 0.03
for the highest concentration. At 180°C the corresponding
numbers are 0.05 and 0.03, while for other temperatures they
usually do not exceed 0.03. The uncertainty due to uncertainties
in band areas strongly depends on the chromate/bichromate ratio
and may be as high as 0.15 for a 2% uncertainty in the measured
area at 160°C, but it quickly drops to around 0.05 at higher
temperatures.

Conclusions

Acid-base equilibria of Cr(VI) may be measured directly
by UV-vis spectroscopy up to 400°C. The deprotonation of
the HCrO4- becomes less favorable as the temperature of
alkaline solutions (m0

KOH g 5.81× 10-4 mol kg-1) of Cr(VI)
is raised from 20 to 260°C. Bichromate is a sufficiently strong
acid such that deprotonation is exothermic. At higher temper-
atures,Ka2 decreases faster than at lower temperatures due to
an isobaric decrease in density. From 380 to 400°C, the
HCrO4

- concentration decreases unlike the case at lower
temperatures. Ion pair formation of (K+)(CrO4

2-) becomes very
favorable even in weakly alkaline solutions. Also pronounced
electrostriction of water about CrO42- and nonspecific effects
of activity coefficients (ionic strength) can contribute to the
decreased stability of HCrO4- in the supercritical region. These
effects are best understood by examining the relative acidity of
bichromate versus water, described by the reaction HCrO4

- +
OH- ) CrO4

2- + H2O, rather thanKa2. Progressive ionic
association eventually leads to K2CrO4 precipitation at 420°C.
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