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UV —Vis Spectroscopic Determination of the Dissociation Constant of Bichromate from 160
to 400°C
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On the basis of direct measurements by-tXs spectroscopy, the dissociation constant of bichromate was
found to decrease with temperature from 160 to 40 For fixed Cr(VI) and KOH concentrations, the
molal concentration of HCr© initially increases with temperature but decreases again in the vicinity of
water’s critical point, where the density decreases substantially. The decrease s H€Chigh temperature
and low density may be attributed to {{CrO,>") ion pairs, to a high degree of electrostriction about £rQ
which facilitates the reaction HCyO + OH™ = CrO#~ + H,0, and to ion activity coefficients.

Introduction behavior is described from 320 to 42C. A wide range of
concentrations of KOH and HClQvere utilized to manipulate
the acid-base equilibria and to calibrate the absorbances of the
pure components, #€r0Q,, HCrO,~, and CrQ%". In the next
section, we determine the dissociation constant of HCrHO
CrO2~ and (KH)(CrO42) 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.

The development of hydrothermal technology in recent
yeard—> has stimulated scientific interest in the properties of
supercritical water systems. Acithase 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(lll) oxide may be separated from high-
level nuclear wastes by hydrothermal oxidation to Cr(VI), which
becomes soluble.Also, oxidation of CsO5"~*2is a reason some
stainless steels (e.g., SS 316) lose their corrosion resistance i
oxidative hydrothermal environmeri1¢ This oxidation reac-
tion may be used for the extraction of Cr from minerdlisln Freshly deionized water (Barnsted Nanopure I, specific
all the above cases, the evaluation of the atidse equilibria resistivity >17 MQ cm) was used to prepare all the solutions.
of Cr(VI) is of crucial importance for understanding and A stock 0.581 M solution of KOH was prepared fron®7 wt
controlling reaction and separation processes. % KOH (EM Scientific). The KOH pellets were first washed

Various complementary techniques have been used to studyon an all-glass Buchner funnel to remove any surfag,
ionic equilibria under hydrothermal conditions including direct which may have formed in the reaction with €@resent in
conductivity measurement;, 22 electrochemical pH measure- the air, and then dissolved in water. The concentration of the
mentst82324 and UV-vis spectroscop¥e2° However, in KOH solution was determined by titration of a standard solution
electrochemical pH measurements, it is challenging to develop of potassium hydrogen phthalate ACS (AldriéR).A stock
accurate reference electrodes for direct pH measurements undesolution of potassium dichromate ACS (Fisher Scientific) was
hydrothermal conditions, especially above 3254 UV —vis prepared by dissolving a sample of the predried (12D Ky~
spectroscopy is limited to equilibria involving species containing Cr,O; in deionized water and diluting it to a known volume.
appropriate chromophoré33! Recently, stable pH indicators  Diluted solutions of perchloric acid were prepared from
have been developed for temperatures up to 40@>2° concentrated, 60% perchloric acid (Aldrich), and their concen-
Hexavalent chromium appears to be an ideal candidate for directtrations were determined by titration with a standard KOH
spectrophotometric study without an indicator, since all the Cr- solution by using phenolphthalein as an indicator. A solution
(V1) species absorb light in the UV and visible regidsThis of chromic acid was prepared by dissolving a sample of
method®-44 and other®-51 have been used to study aeidase chromium trioxide (Baker Analyzed Reagent) in water and
equilibria of Cr(VI) at 20°C or slightly elevated temperatures. diluting to a known volume. The concentration oEGtO,
However, the potentiometric study by Palmer and co-woPRers solution was determined spectrophotometrically after converting
is the only high-temperature study (to 17&) of Cr(VI) it to CrO42~ with excess KOH.
equilibria. All spectra were obtained with an apparatus modified from

The goal of this study is to evaluate the aelwhse equilibria an earlier versiofi?® A titanium optical cell with an aperture of
of Cr(VI) at temperatures up to 420C, where significant 5 mm and a path length of 1 cm was equipped with two sapphire
changes in the properties of water and ion solvation occur. windows (Swiss Jewel Compamf). The pressure in the tubing
Experimental techniques were developed for rapid measurementconnected to the cell was measured with a Heise 710A digital
given the accelerated corrosion of sapphire in basic solutions.gauge at low temperature. The solutions first were purged with
The Results section begins with a description of spectra at nitrogen for 30 min. The spectra were measured with a Cary
ambient temperature and then up to 320) where the spectral  3E UV—vis spectrophotometer and corrected for the baseline
features are relatively easy to interpret. Next, more complex of pure water at an identical temperature and pressure. When
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alkaline solutions at temperatures close to or above the critical 25 e e
point of water were studied, corrosion of the sapphire windows e
led to a progressive growth in the baseline. In such cases two it
baselines were recorded, one before and one after the experi- [band 1T ; |
ment. The actual baseline was a weighted combination of both it i
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 ' i
in the system was about 5 min. During this time the temperature IR
in the cell dropped substantially and had to be equilibrated for A e 2
a few additional minutes. For strongly alkaline solutions, this 0.5k AN b
time was sufficiently long to result in strong window corrosion b3
and, in consequence, to a solution pH change. Therefore, after L
the temperature was restored, the cell was flushed additionally 00 450
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, excepfigure 1. Ambient temperature and pressure spectra of 500
for strongly alkaline media at temperatures close to or above EEELSG’;E ';Zgioicsroz'ﬂgrzrﬁgg‘?gm ﬂg?g?'?gj‘rt\%(geg tze;‘t)lgf
the critical point, Where scan rates of 720 nm/min or, extremely mol dnrr'3 HCIO.); HoCrO, (curve 3, ’9.17 mol dir? HdIO4). Light
rarely, 1440 nm/min were used. path 1 cm.

Since the spectra are difficult to fit with a small number of
Gaussian peaks and the peak wavelengths of the pure soluteg1e equilibrium constants listed above. The predominant species
shift with temperature and density, we chose to use integratedin the solution acidified with 9.2< 103 M perchloric acid
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areas. The absorbance for the wavelength range-320 nm (spectrum 2) was HCr9. The estimated contributions of

was integrated numerically using trapezoidal rule. chromic acid, dichromate, and chromate are less than 1.3%,
4.3%, and 0.005%, respectively. For spectrum 3 with concen-

Results and Discussion trated 9.17 M perchloric acid, the predominant species;is H

Cr0,.55%¢ 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 literatuf@3+.36.42.58
Cr(VI) Spectra up to 320 °C. Figure 2a shows the effect
of temperature on the spectra of a 2.5010* m K,Cr,O;
solution containing a relatively small excess of KOH. These
HCro, = HT + CrO427 @) spectra were corrected for the density of the solution, which
decreases with temperature. It was assumed that the solution
with Kaz = (2.82-3.16) x 107 at 25°C;3%50and, in strongly density is equal to the density of water at the same temperature
acidic solutions, and pressure. The correction is made by dividing the measured
absorbances by the density of water at a given temperature and
H,CrO, = HCro,” + H () pressure. At 20°C the amounts of HCrg, H,CrO, and
Cr,072~ are negligible, as discussed above, and the spectrum
with K1 = 1.5 at 20°C 5556 Also, higher polychromates can  corresponds to the pure CfO solution. A temperature increase
be formed at high Cr(VI) concentrations in very strongly acidic leads to a gradual decrease of the two absorption bands and an

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

2CrQ% + 2H" =Cr,0,>” + H,0 (1)

with Ki» = (3.4-5.0) x 104 at 25°C;43.50

media#® increase in absorption at other wavelengths. At least three
relatively well-defined isosbestic points are formed.
nH,CrO, — Cr.0O,.,,> + 2H" + (n—1)H,0 4) The observed spectral changes with temperature cannot be

due to formation of the dichromate ion, since this reaction
Similar condensation reactions occur between Cr(VI) and becomes progressively less favorable at elevated temper&tures.

anions of other acids, e.g., H&I3850H,S0,,37 and HPQO,,5" Also they are not caused by higher polychromates, which would
and species such as GQ~, CrSG?~, and HCrPG* are require strongly acidic media and higher Cr(VI) concentrati8ns.
formed37.38:50,57 The most likely explanation, based on both existing literature

All the Cr(VI1) species listed above absorb light in the visible dat®° and theoretical predictions shown below, is that the
and ultraviolet regions due to charge-transfer transitions from temperature increase makes the dissociation of bichromate less
orbitals localized mainly on the ligand atoms to an orbital favorable, leading to a progressive increase in HCrénd a
localized mainly on CP2 Figure 1 shows the spectra of 2.50 corresponding decrease in the peak areas (see Figure 1). Indeed,
x 107 M K,Cr,0y in different media. The spectra are rather the spectra recorded at higher temperatures (e.g.5G2Bigure
similar for all the species listed above and exhibit two principal 2b) resemble closely the spectra obtained for “pure” HCrO
bands localized around 35@75 and 255280 nm, which we at room temperature (see Figure 1, curve 2), although slight
call band | and Il, respectively (Figure 1). Even though there shifts in wavelength are observed. The presence of the
are distinctive differences in band positions and molar absorp- isosbestic points (Figure 2a) seems concordant with the sug-
tivities for the various Cr(VI) species, the bands are highly gested explanation of the spectral changes in terms of only two
overlapped. Spectrum 1, obtained for a concentrated .82 absorbing species, i.e., HCyO and CrQ2-, remaining in
102 M KOH solution, corresponds to Cy®. Estimated chemical equilibrium. It cannot be regarded, however, as
concentrations of bichromate and dichromate in this solution evidence for that for two reasons. First, these points are not
are on the order of 18%and 1018 M, respectively, based upon  true isosbestic points due to the temperature-driven changes in
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Figure 3. Effect of density on the spectra of Cr(VI) at 40C. K-
Cr,07 concentration: 2.5 1074 mol kg~t. KOH concentration: 4.07
08 | 400 °C ] x 1073 mol kgL

decrease of absorbance at all the wavelengths for this slightly
0.6 | 320 °C 1 basic solution and the isosbestic points disappear (Figure 2a).
Such a change may be due to a partial conversion of HCrO
into chromic acid (see Figure 1), but a change in spectral
parameters of bichromate cannot be ruled out.

A temperature increase from 380 to 40D seems to reverse
02} . ] the spectral changes that occurred at lower temperature. The
420 °C measured area, corrected for water density, increases again and
band | shifts back to longer wavelengths (Figure 2b). For
0 instance, the spectra recorded for a 22500~ mol kg1 K-

O T Cr,07 + 4.07 x 1073 mol kg~* KOH solution at 400 and 260
250 350 450 550 °C were virtually identical. At higher densities (pressures) these
effects are less prominent than at lower densities, as shown in

Figure 2. Temperature effect on the spectra of a 2:6Q0~* mol Figure 3. A f_urther temperature increase up to A20at 27'6.
kg-! K»Cr,05 solution with 1.98x 10-3 mol kg~* KOH at 27.6 MPa: MPa results in an abrupt decrease in the absorbance (Figure
(a) lower temperatures; (b) higher temperatures. 2b), but the positions of band | and I, however, change very
little. We will show that these changes are due to enhanced
band shapes. Second, isosbestic points can also result in moréormation of ion pairs of Cr¢¥~ and K" at temperatures higher
complicated caseé$:5° Our estimates, based upon literature data than 380°C and subsequent precipitation of® O, at 420°C.
for the (Na")(SOs2)% ion pair, indicate that the (K)(CrOs2) Similar effects of temperature on the area and position of
ion pair can contribute to the equilibrium at temperatures above band | are observed for a wide range in KOH concentration, as
260°C. To our knowledge the spectrum of the (KCrO42") shown for 2.50x 1074 mol kg1 K,Cr,0O; solutions in Figures
ion pair has not been reported, but it is likely to be very similar 4 and 5. As temperature increases, both the normalized area
to the spectrum of Crgd~ for two reasons. The spectra of and wavelength maximum decrease up to 380and then
aqueous Crg¥— resemble those of alkali metal chrom&fess increase. In Figures 4 and 5, we have identified the properties
well as our spectra at room temperature for 2:6Q.0~* M of essentially pure Crgd~ and HCrQ~ solutions with long
K,Cr,0; + 1.16 x 1072 M KOH solutions in water/dioxane  arrows. The assignment of these arrows depends in part upon
mixtures. In the latter case the spectra recorded for pure aqueougalculation of contributions to the measured band areas resulting
solutions and mixtures containing up to 75% dioxane by volume, from species other than bichromate and chromate, in particular
which have a significantly lower dielectric constant than water, dichromate and chromic acid. Since these calculations also rely
were virtually identical. Unfortunately, higher concentrations in part on the two deprotonation equilibrium constants deter-
of dioxane in the mixture could not be attained, because of either mined in this study, their results will be presented in the section
separation of the solution into water-rich and dioxane-rich phasesdealing with error estimates. The band energy decreases
or KOH/K,CrO, precipitation. Consequently, in addition to (wavelength increases) with temperature for both species, and
HCrO,~ and CrQ?2-, also the ion pair has to be considered in there is a slight decrease in the integrated area. Similarly, the

380 °C
0.4
» ]

Normalized absorbance

Wavelength (nm)

the analysis of the spectral data. energy of band Il for pure HCr{ and CrQ?- decreases
Cr(VI) Spectra from 320 to 420 °C. As shown in Figure (wavelength increases) with temperature. The magnitude of the
2, the spectra obtained in the temperature range-320 °C solvatochromic effect for both charge-transfer bands is relatively

deviate from what can be expected on the basis of spectralsmalf® because of small changes in actual electrical charge
changes observed at lower temperatures. For instance, ardistribution in the chromate ion upon excitatieh.Figure 5
increase in temperature from 320 to 38D leads to a small provides additional evidence that the spectra of chromate and
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Figure 4. Temperature effect on the integrated area of band I
normalized for density and Cr(VI) concentration for selecte@iO;
solutions at 27.6 MPa. The long arrows indicate the asymptotes
characteristic for Crgd~ and HCrQ~ (see text). 2.5« 10~* mol kg*
K,Cr,07 with the following KOH concentrations (mol kg): no KOH
added (crossed square); 2.9110* (a); 5.81 x 107 (O); 9.88 x

1074 (v); 1.98 x 1073 (0); 4.07 x 102 (a); 1.16 x 1072 (<); 5.81 x

1072 (x). Other solutions: 5.8k 103 mol kg™t KOH + 5.00 x 1074

mol kg™ K,Cr,O7 (®); 2.50 x 10~4 mol dnm2 K,Cr,O; + 3.83x 1073

mol kg~ HCIO, (#); 2.50 x 10~* mol dn 23 K,Cr,0; + 9.17 mol

Figure 6. Temperature effect on the wavelength of band Il for selected
2.50 x 107 mol kg™ K,Cr,07 solutions at 27.6 MPa. KOH concentra-
tion (mol kg™'): 6.97 x 1072 (M); 4.07 x 102 (O); no additions @).
HCIO, concentration (mol kg'): 3.83 x 1073 (a).
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Temperature (“C) for the observed spectral changes.
Figure 5. Temperature effect on the wavelength of band | for selected ~ TO determine if a charge transfer to solvent band for OH
K2Cr,07 solutions at 27.6 MPa. The long arrows indicate the asymptotes complicates our results, we measured spectra for a KOH solution
characteristic for Cr@d~ and HCrQ™ (see text). For symbols as well  without chromate (Figure 7). An examination of Figures 2 and
as K.Cr,07, KOH, and HCIQ concentrations refer to Figure 4. 7 indicates that this band is at short enough wavelengths such
that it does not interfere with the band | of Cr(VI).

the ion pair (K)(CrO4*") are very similar.  The wavelength of Dissociation Constant of Bichromate Ka,. In this section,
band | for chromate estimated at 360 is only around 1 nm  \ye will assume that the only substances contributing to the
longer than the wavelength measured in concentrated .81  measured absorbance are chromate, bichromate, and possibly
1072 mol kg~! KOH solution, in which the estimaté&Hratio of the (K*)(CrOs2-) ion pair in the entire temperature range for
the ion pair to chromate concentration is around 9:1. KOH concentrations above 5.84 104 mol kg™%. We will

A plot similar to Figure 5 is shown for band Il in Figure 6. assume chromic acid and dichromate are not present. Because
In this case, fewer solutions were characterized, because of thea large amount of detail will be required to justify this
overlap of band Il with a band in the far UV region (Figure assumption, it will be presented in the last section of this study.
2b). The effect of protonation on band Il is particularly We will also assume that the spectrum of the ion pair is identical
important for the present study. While the wavelength of band to the CrQ?~ spectrum. Based upon this assumption, the
| decreases from Ci® to HCrQ;~ to H,CrOq, band Il has experimentally accessible quantities are bichromate concentra-
similar energies for Crgd~ and HCrO, and significantly shorter  tion and the sum of the chromate and the ion pair concentrations.
wavelength for HCr@~ (see Figure 1). This large shift for  If this sum is replaced with an effective chromate concentration,
HCrO,~ makes it easier to decide which protonation equilibrium an effective dissociation constai may be defined.
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The effective dissociation constant of bichromate may be whereAnom = Alp.
determined spectroscopically, given the spectra of pure solutions Equation 5a can be integrated and combined with the Cr(VI)
of CrO42~ (in some cases with (R(Cr0427) ion pairs) and mass balance (shown below) to give
HCrO,~. By adding a sufficient excess of KOH, the concentra-
tion of HCrO4~ is minimized, but corrosion of the sapphire off 0
windows can become a serious probl€min addition, the Mero, E.., —E B K,Cr,0,
density correction of the absorbance, which was based on the Cro; HCro,

E— EHCro4—

assumption of equal density for the solution and water, is less E—E
accurate at high KOH concentrations. However, for many of _ Cro2- o ®)
the alkaline solutions the integrated area of band | and its Mhero,- Eucro- — Ecroo | (€%
wavelength were found to be independent of the KOH concen- ! !

tration and close to corresponding parameters measured fofyhereE, Ercro,, andEcro,2- correspond to the integrals in the
CrOs#~ at room temperature. These observations prove thatrange 326-550 nm of the measured extinction coefficients for
bichromate is completely dissociated in the temperature rangethe given solution, pure bichromate, and pure chromate,
20—220°C (Figures 4 and 5) for the high KOH concentrations. respectively.
In this temperature range there is also a negligible contribution  An activity coefficient model is required to extract the desired
from the (K*)(CrO,2") ion pair as estimated by assuming that equilibrium constants from the measured spectra. It is assumed
the equilibrium constant for the ion pair is identical to that for that individual ionic activity coefficients are not sensitive to
(Na)(SO").%t The areas of pure HCuO could not be  specific properties of ions, and for singly charged species they
obtained in a similar way, i.e., by measuring spectra of strongly can be approximated by Pitzer's form¢fldor the mean ionic
acidified KoCrOy solutions. Unfortunately, dichromate, chro-  activity coefficienty.. of a 1—1 electrolyte:
mate, and chromic acid may be present along with HCrO
Therefore, a pure ¥Cr,0O; solution was used instead of acidified 2 1
solutions. In this case an assumption was made that the areas Iny,=-A, T+ o +1p)In@+ bl ) 9)
measured for pure 2.50 10~ mol kg~* K,Cr,Oy7 solutions in
the temperature range 16820 °C were equal to the areas \yhereb = 1.2. The ionic strength is given by
characteristic for HCr@y. In the next section, dealing with
error estimates, this assumption will be shown to be valid. | = (1/2) sziZ (10)

It was also assumed that the integrated areas for purg?CrO ,
and HCrQ~ solutions at temperatures where they were not
experimentally accessible can be obtained from extrapolations wherem andz are molalities and charges of all the ionic
of the asymptotic lines, which were determined for pure species in solution. The Deby#iuckel parametefy is given
chromate and bichromate (Figure 4). In addition, for pressures by
other than 27.6 MPa, for which less extensive studies were
performed, it was assumed that the integrated areas for pure A, = (2.77:N0p/1000)1/2 (lex T3 (112)
chromate and bichromate are identical to those measured at 27.6
MPa at a given temperature. This assumption is consistent withwhere N is the Avogadro’s number is the charge of the
the small change in area in Figure 4 for HGrQover a wide electron,e is the dielectric constant of water as calculated by
temperature range, where density changed by a factor of 3. Uematsu and Frand,and p is the water density calculated

By assuming that only bichromate, chromate, and the according to steam tablé%. The activity coefficients for
(KH)(CrO427) ion pair are present in solutiofik,*f may be multiply charged ions are given by the forméf&®
determined for a Cr(VI) solution as follows. The absorbance,
A, at wavelengthi is given by: Iny,=ZIny, (12)

| 1/2

A= ¢,[Cr(VI)] 0 From the above assumptions, the Cr(VI) and K mass balances
and the charge balance are given by

___ HCros~ — CrO%#~ 2—eff
=g [HCrO, 1+ ¢, [CrO, ] (5) “ 0
Mycro,- T mECrogf =2M cr0, (13)
where [Cr(VI)P represents the initial molar concentration of
Cr(Vl) and ¢, is the apparent molar extinction coefficient of M. + Moy = ZmOKZCrZO +meon (14)
the solution. Because of the change in water density with 7
temperature and pressure, a standard state based upon molal

— ff
concentrations is preferrabffe. For dilute electrolyte solutions, Mg + My = Moy + mHCro4—+ 2m?:r042— (15)
the molality of species 31, may be obtained from the molarity
as follows: An effective dissocation constant for bichromate may be

defined by
my=[S)/p (6)
eff 4
. . . . . r'nCrOAZ*rﬂI—H‘V +
wherep is the density of pure water. Substitution of eq 6 into Kzg = (16)
eq 5 yields Mycro,-
A= elmCr(VI)O =€,2My 10 0 where the effective Crgd~ concentration includes ion pairs if
2¥'2MT

present. The presence of ion pairs introduces some uncertainty
into egs 14 and 15, as diccussed below. The equilibrium

HCro,~ CrOg2 . eff
Mucro,- te Meroz- (5a) constant for KOH asociatidhis given by

:61
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Myon An error inKaz generated by association of kand CrQ?",
Ks=—— (17) can be estimated, if it is assumed that the spectra ofrO
M+ Mop-Y -+ and (K")(CrO42") are identical, i.e., integrated areas for both
species are equal as assumed above. In such a case the sum of
and for the ionic product of watef,"* CrO2~ and (KH)(CrO2") molalities is determined from the
measured spectra (eqs 5, 5a, 7). The effective equilibrium
Ky = Moy My (18)  constant.# is then given by the equation
All the concentrations ank. were calculated numerically KT = K1+ Kipﬁk+7/i4) (20)

by using an iterative procedure based on succesive substitutions.
An initial assumption was that all the ionic activity coefficients The differencesApKa2 between negative logarithms of the
were equal to unity. Iterations were performed until variations estimated trueK,;) and experimental, i.e., effectivéK{="),

in the mass and charge balances were lower than 110-1° dissociation constants may be obtained from this equation. The
mol kg~ and the variations in the equilibrium constants were results, which were obtained for solutions in which the ratio of
on the order of 10'%% or less. the HCrQ~ concentration and effective C§O concentration

For the majority of temperatureB £ values at 27.6 MPa  was closest to unity, are listed in Table 2 for the temperature
were obtained from measurements performed for X500~ range 166-360 °C. Similar estimates at temperatures higher
m K,Cr,0O7 solutions at six to eight different KOH concentra- than the critical temperature (37£€) were not made due to
tions. Some of the results were also obtained for 5000~ the large error involved in extrapolation of the association

and 1.00x 103 m K,Cr,0; solutions. Typical experimental constants for (N&(SQs2"), which were determined along the
results obtained for selected solutions and temperatures are giversaturation curve. At supercritical conditions, density would have
in Table 1. All of the measured equilibrium constantg® a pronounced effect on ion pairing. Inspection of these data
obtained are listed in Table 2, and Figure 8 shows the effect of reveals that the effect of ion pairing df,, remains within
temperature oK, # at a constant pressure 27.6 MPa. In the experimental error up to approximately 260 or perhaps up
temperature range 1680 °C our data agree well with the to a little higher temperature due to the possible overestimation
data obtained from potentiometric measurements by Palmer andof the ion pairing effect. At higher temperatures, modest
co-workers®® As is seen from Figure 8 the dissociation of differences are observed. Because)(CrO42") ion pairs are
bichromate (eq 2) is exothermic at 27.6 MPa, as expected for more stable than Cr- for low values of the dielectric constant,
the reaction of a relatively strong acid. Part of the change in they play a major role in the increase in absorbance at’@0
Ko results from an isobaric decrease in density with temper- The values ofK,# in Table 1 at a given temperature are
ature. The effect of density ok, at selected temperatures relatively constant for a range in KOH concentration, suggesting
is shown in Figure 9. This ionogenic reaction, eq 2, is less that the term in parentheses in eq 20 is relatively constant. Either
favorable in low-density media, where the loss in the dielectric Kj, is sufficiently small or an increase in*Kis compensated
constant of watéf decreases the ability of water to solvate ions. by a decrease ip.. Because,zis constant, it is of practical
The monotonic decrease of the bichromate dissociation use in the determination of Cr(VI) equilibrium.
constant with temperature may seem surprising, given the We now discuss the effect of electrostriction on the absor-
decrease in HCr concentration at 400C. Two factors that bance increase at 40C. Instead of examining the dissociation
influence this result will be considered. The first is the of bichromate Ky), it is more useful to consider the following
formation of ion pairs in the supercritical region due to the very isocoulombic reaction
low values of the dielectric constant. Also, the precipitation
that occurs at 420C seems likely to be preceded by some HCrO, + OH = CrOff + H,0 (22)
aggregation in the solution phase. The second is the electros-

triction of water about divalent Cr®" versus that about  Thjs reaction is simply the difference between the dissociation
monovalent ions. o - _ _ of bichromate and water.
An actual ratio of equilibrium molalities of the ion pair The equilibrium constankpya for eq 21 is given by

(KM)(CrOg27) and chromate ion is given by the formula

4 Kpna = KoKy, (22)

Mycro, /Mero,z = KipMy v+ (19)
For the purpose of the following analysis it was assumed that

SinceK;p is unknown, we assume thig}, may be approximated KoM was equal tdaz _ n .
by the equilibrium constant for (N)SQ,2") ion pair formation, A pkzt oflog Kona versus 1T (Figure 10) exhibits a minimum
which has been determined at pressures slightly above the vapoft 380°C, and its increase at 40C seems to be in agreement
pressure up to 326C5 Since neithemg+ nor y.. change with the ob§erved Qecrease in the HGr(Doncezr;tratlon. The
significantly as a result of the ion pair formation in the solutions data were fit by using a modified Born mo#et*® as follows:
with low Cr(VI) concentration, the calculation of the concentra-
tion ratio given by eq 19 becomes much simpler. In this case, anKypal 11 1
it is reasonable to use the'Knolalities and activity coefficients In Kypa(T.0) = In Kypa(To.p0) + W T 1]
determined in the calculations &%= (eqs 13-18, Table 1). Po °
The above concentration ratio approaches 0.025 af€60.15 4 A A B
a1 220°C. 1.10 at 280C. and .95 at 326C for the highest 83454 1 1 |[Feor Zweoo Zow 23)
initial KOH molalities applied, which were 3.02 1073, 6.97 T \G(T'P) €(Tpd|\Tcroz-  Thero,  Tow-
x 1073, 1.74 x 1072, and 1.74x 1072, respectively. These
numbers are probably a little overestimated, since the largerwhereTy andpo are the reference temperature and density and
K* most likely forms weaker ion pairs than Na zandr are charges and radii (in angstroms) of the various ions.
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TABLE 1: Selected Experimental Data for 5.0 x 104 m Cr(IV) Solutions?2

J. Phys. Chem. B, Vol. 102, No. 20, 1998999

areﬁ mOKOH x 10° Mycro,~ X 104 Mcro? X 100 —Iog my+ | x 108 Y+ pKaZ
t=160°C,p = 27.6 MPad = 0.923 g cm?, pK,, = 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 0.495 451 8.10 1.94 0.934 7.26
t=240°C, p = 27.6 MPad = 0.837 g cm?, pK,, = 11.01
85.96 1.975 2.23 2.77 8.15 2.74 0.902 8.23
t=300°C,p=27.6 MPad = 0.747 g cm?, pK,, = 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 MPad = 0.604 g cm?, pK,, = 11.91
49.81 3.02 461 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 MPad = 0.506 g cm?, pK,, = 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 MPad = 0.243 g cm?, pK,, = 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
105.7 0.581 8.63 1.37 12.94 1.50 0.515 14.89
t=400°C,p=31.0 MPad = 0.396 g cm?, pK,, = 14.18
86.50 17.4 1.91 3.09 11.47 11.2 0.437 12.70
t=400°C, p= 34.5 MPad = 0.468 g cnm?3, pK,, = 13.17
77.73 17.4 2.53 2.47 10.66 12.2 0.527 11.78
t=400°C,p=41.3 MPad=0.533 g cm?, pK,, = 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 foisefr@éBactual
area integrated between 320 and 550 nm corrected for defsif;v) = 1.0 x 1072 mol kg™

TABLE 2: Dissociation Constants of Bichromate Kaz) and 0 —
Chromic Acid (Kag)
temperature pressure density
(°C) (MPa)  (gcnm?d) P ApKaa®  pKa -5
160 27.6 0.923 7.4%0.11 0.004
180 0.904 7.63 0.11 0.006
200 0.883 7.85-0.07 0.009 1.70 2
220 0.861 8.06£ 0.08 0.02 g’
240 0.837 8.14 0.16 0.04 1.76
260 0.810 8.450.06 0.09
280 0.780  8.76:0.07 0.17  2.02 15
300 0.747 9.130.13 0.34
320 0.709 9.4%0.09 0.58
340 0.663 9.94-0.11 0.78 2.96
360 0.604 10.61+0.11 0.95 20 L . . .
380 0.506 11.56- 0.03 15107 25107 35107
400 0.243 14.96: 0.14 1T (K1)
160 31.0 0.925 7.31 _ o
200 0.885 7.80 Figure 8. Effect of temperature on the dissociation constants of
280 0.785 8.56 bichromate Ka2 and chromic acidKai) at constant pressure, 27.6 MPa.
400 0.396 12.70 Solid squares: data taken from ref 50. Solid lines: calculated using
160 34.5 0.926 7.27 modified Born equation (see text).
200 0.888 7.80
280 0.788  8.55 As in a previous stud§t we assumed that the radius of the
‘1128 413 %‘;%% 117'7281 strongly hydrated OHion equals 2.58 & and that the change
200 ' 0.892 774 of the Gibbs free energy of water with density is much smaller
280 0.796 8.46 than the corresponding changes of the solvation energies of the
400 0533 11.20 ionic substances. The temperature 280was selected as the

a Ref 68.> The uncertainties in theka#" values determined at 27.6 reference temperature and the corresponding density (0.904 g
MPa indicate one standard deviation. Because of fewer data points atcm ) as the reference density. The value &fiff Kyna/o(1/
other pressures, the statistical analysis could not be performed.T)),, was 8543 K and In Kyna(To,p0) Was 8.388. The
¢Estimated error in Ka resulting from the (K)(CrO#") ion pair equilibrium constants were underestimated over the entire
formation as described in the text. temperature range when the radii of both chromate and

bichromate were assumed equal to 1.646 A, i.e., the crystal-

In this model, the Born radii are adjusted from the bare ion lographic radius of Crg#—.32 Much better fits were obtained
values to include waters of hydration. if a larger radius for the divalent and presumably strongly
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Figure 9. Effect of density on the dissociation constant of bichromate.
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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.

Strong ior-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 constanKpya and the corresponding equilibrium
concentration quotie@una. The Qpna Was determined from
eq 16 withy. = 1. As can be seen, loQyna measured at 400
°C for 4.067 x 103 mol kg~! KOH is approximately 0.8 log
units higher than lodna, 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
CrO42~, 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

represent isobars and isochores calculated using the modified Bornfor calibration of the pure chromate and bichromate ions (eqgs
equation (see text). Experimental points obtained at the following 7 and 8) can be distorted by the presence of these other species.

pressures: 27.6 MPa®j§; 31.0 MPa [0); 34.5 MPa ®); 41.3 MPa
©).

solvated Cr@?~ was assumed, while keeping 1.646 A for the
radius of the singly charged HC§Q A value of 4.35 A for

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,

the chromate ion radius resulted in the best fit (See Figure 10) presented beIOW, Suggests that the equilibrium constants pre-
The KbHA values obtained at pressures hlgher than 27.6 MPa sented above are reasonab'y accurate.

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 38@00°C, leads to decreased solvation
of all the ions. Since the Born solvation energy of an ion is
proportional to Z%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 £r@nay 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 cationg® However, the unusually large effective radius
may indirectly reflect the ion pairing of Ct® relative to
HCrO4~ in low € media.

(i) Errors in the Integrated Areas for Standard Chromate
and Bichromate Standard Solutions. The accuracy of the
determination of the integrated areas for the HCré&nd CrQ2-
standards can be estimated by using the valuésafetermined
in this study as well as estimated equilibrium constants for the
formation of dichromate and chromic acid. The standard
solutions are used to determiBgco,~, andEco,2- in eqs 7 8.
The equilibrium constaniy; for dichromate formation (eq 1)
in the range 25175 °C can be calculated from the data of
Palmer et al?? whereas for higher temperatures, they can be
obtained from extrapolation of the linear dependence oKlgg
versus the inverse temperature. The dissociation condants
of chromic acid (eq 2) were estimated from our own experi-
ments, as described in the next section.



Dissociation Constant of Bichromate J. Phys. Chem. B, Vol. 102, No. 20, 1998001

Pure KCr,O7; solutions were used as standard HErO  rise to a density-corrected absorbance on the order of 0.025.
solutions in the temperature range $+&20°C. To determine With the much shorter residence times employed in our
the contribution of dichromate to the Cr(VI) mass balance, eqs experiments, typically around 2 min, decomposition of HZIO
9—12 and modified equations for mass and charge balances tois not expected to influence the composition of a Cr(VI) solution
include CpO72~ were used. In addition, an expression for the nor its spectrum.

equilibrium constant of reaction 1 was included: We found that the areas normalized for Cr(VI) concentration,
measured for 5.7& 10~4 mchromic acid, pure 2.5& 1074 m
Mer o K,Cr0Oy, as well as 2.5k 104 m K,Cr,0O; acidified with 3.83
Kn=—"35— (24) x 10-3 mor less concentrated HClOwere very similar in the
Merop- My« temperature range 220 °C, indicating HCrO, was not
formed in significant quantities. A large decrease in absorbance,
At 160 °C, the calculated molalities of HCyO, CrO;*~, and most likely due to formation of chromic acid (see Figure 1),
Cr,072~ were 4.9x 1074, 4.3 x 10°%, and 1.5x 10°® mol could be observed for 2.50 10-4 m K,Cr,O; solution acidified

kg™%, respectively. At 320C they were 5.0x 1074, 8.2 x with 9.31 x 10-3 mHCIO, in the temperature range 26@80

1078, and 5.0x 1077 mol kg1, respectively. In both cases, °C, 5.70x 104 m H,CrO, without HCIO, at 340°C, and 2.50

the concentration of both impurities is negligible compared with x 104 m K,Cr,0- acidified with 3.83x 10-3 m HCIO, at 360

bichromate. °C. It was assumed that chromates and dichromates were not
The integrated area for the dichromate®fos about 1.5 times ~ formed, which seemed reasonable in the light of calculations

the area measured for the identical Cr(VI) equivalents of presented above. It was also assumed that perchloric acid was

HCrO,~. The integrated area for chromate, on the other hand, fully dissociated in this temperature ranfe.

is roughly 2.4 times larger than the area for HGTO The The actual concentration ratios of chromic acid and bichro-

estimated error of the integrated bichromate area measured foimate for the acidified solutions were calculated from integrated

a2.50x 10~* mol kg™t K2Cr,05 solution from the presence of  normalized absorbances by using equations analogous to egs 7

dichromate and chromate can be estimated as 1.6% atd60 and 8. Because of the lack of a more reasonable estimate, it

and 0.14% at 320C. This negligible contribution is even  was assumed that the normalized area for pure chromic acid is

smaller at higher temperatures. equal to the one measured at room temperature in 9.17 M
The contribution of chromic acid to the absorbance ef K perchloric acid. Since HCrQ is probably not completely

Crx07 solutions, which were used as HGrOstandards, was  protonated in this medium (see above), this area is most likely

estimated in the temperature range 2680°C, for whichKa; overestimated. An overestimate of the area foCtD; is

was determined as shown in the next section. Only monomeric expected to result in an underestimated or an upper bound

Cr(V1) species were considered in the mass balance. At 200 on the concentration of #£rQ,. The area for pure bichromate

°C the calculated concentrations of HGrOCrO2~, and H- was the one used for the determination of kag The Cr(VI)

CrOs were 5.0x 1074, 2.1 x 10°%, and 9.1x 108 mol kg4, mass balance is

respectively. At 340C the calculated concentrations were 5.0 .

x 1074, 4.7 x 1078, and 6.5x 1077 mol kg%, respectively. _+ + _=2m 13a

Since concentrations of both,8rO, and CrQ?- are at least 2 Mhero ™ Mhicro, ™ Mo, R (32

orders of magnitude lower than HCyOconcentration, their for a dichromate feed solution and

contribution to the measured absorbance of pug€rsO;

solutions is negligible in the temperature range 2880 °C. Mycro,- T My cro, T Moo = mOH CrO, (13b)
The contribution resulting from the presence ef30, should s 2 s e
be even smaller at 160C. In conclusion, pure 2.5& 10°* for chromic acid feed solution. The potassium mass balance

mol kg~* K2Cr,O7 solutions contain almost exclusively HGyO for a K,Cr,0O, feed solution is
in the temperature range 16840 °C and can be used as

standard HCr@ solutions for the spectrophotometric deter- me, = 2m0K cro (14a)
mination of the Cr(VI1) acie-base equilibrium constants. e
(i) Estimate of the Dissociation Constant,; of Chromic The charge balance for a,&r,0; feed solution is

Acid. There are no published data on the dissociation of

chromic acid at high temperatures, and extrapolation from the My, + My, = Mg~ + Mygo - + Mg - + 2Me,q.-  (15a)
limited data at temperatures close to°Z¥337-56would be very

inaccurate. Our approximate determinationkgf was based or for a H,CrO, solution is

on spectral measurements fop®,0; and HCrO, solutions

as well as KCr,0; solutions acidified with perchloric acid. My = Moy + Mycro,- + 2Merg - (15b)
Perchloric acid is believédnot to form substituted chromates.

However, it slowly decomposes to chlorine and oxygen at The following expression was used for the equilibrium
elevated temperaturé$. To test the stability of perchloric acid,  constant of reaction 3:

we measured spectra of a 0.04 HCIO, solution in the

temperature range 26@B60°C. We observed no decomposition Kar= (TT\HCroA—mHWiZ)/ Mycro, (25)
of the acid for temperatures up to 300 and residence times
as long as 30 min, which agrees with reported slow kinéfics. FromKa,s, equilibrium constants for the isocoulombic reaction

At 360 °C and for residence times longer than 10 min a weak between HCrO, and OH were calculated and modeled with a
band with an absorption maximum around 370 nm was detected.modified Born equatio?¥2° similar to eq 23. The reference
Since intermediates of the reaction are unstéblee band was  temperature was selected as 240 and the radius of HCrQ
interpreted to be molecular chlorine, even though it was red was assumed to be equal to the crystallographic radius of
shifted by some 40 nm from its position in the gas phH&se. CrO42-, i.e., 1.646 A32 The model fit the equilibrium constants
Approximately 6% of the acid decomposed after 0.5 h, giving obtained in the temperature range 2@30 °C (Figure 8 and
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Table 2). However, the equilibrium constant obtained from the [ G i<, D. \V.,

experiment performed at 36 with the solution acidified with Eg'ggf%':- G., Eds.; American Chemical Society: Washington, DC, 1993;
3.83 x 103 m HCIO, deviated strongly from the model, (2) Sealock, J.; Elliott, D. C.; Baker, E. G.; Butner, R. |Samzag-

indicating that perchloric acid was not fully dissociated under ghgRees1993 32, 1535. _
these conditions. The model was further used to calculate the _ (3) Shaw, R. W.; Brill, T. B.; Clifford, A. A.; Eckert, C. A.; Franck,

. s . . . E. U. Chem. Eng. New%991, 26.
dissociation constants of chromic acid at temperatures higher (4) Gloyna, E. F.; Li, L iiaaiamkdanagc1 993 13, 379.

than 340°C. (5) Savage, P. E.; Gopolan, S.; Mizan, T. I.; Martino, C. J.; Brock, E.
(iii) Errors in Density. The accuracy of the normalized E. AlGhE.). 1995 41, 1723.

i i i i (6) Oldenborg, R.; Robinson, J. M.; Buelow, S. J.; Dyer, R. B
\e/t\?sohrbance_lt_jep:l:jds o_n tze unfertNalnt)ll n Ithe solution d.enSIty'Anderson, G.; Dell'Orco, P. C.; Funk, K.; Willmanns, E.; Knutsen, K. LA-
e have utilized density data for NaCl solutions to estimate UR-94:3233, Hydrothermal Processing of Inorganic Components of Hanford

the effect of solution density amyc,o,-. The density of a 0.2% Tank Wastes, Los Alamos National Laboratories, 1994.

NacCl (approximately 3.4 10-2 mol kg™1) solution at 396°C (7) Valverde, N-Hj%
and 271 atm pressure, i.e., under conditions very similar to our 198é8z32583%3'é"\"' G.; Williams, W. -1
experiments, is around 7% higher than the pure steam density ~ (9) O'Brien, A. B.: Segal, M. G.; Williams, W. jinsiitass
under identical condition&. At lower temperatures this dif-  i—"—11987 83, 371.

ference is smaller. Consequently, the absorbance measured at, (10) R°de”asll'-9-9%-?7'\{'°%qd°' P.J. Blesa, M. A Duhalde, S.; Saragovi,

400 °C and 27.6 MPa for our more dilute solutions may be ™ 11y wils, A.; sawunyama, PG 003

overestimated by approximately 7%, whereas the observedsg, 3389.

increase in the normalized absorbance is much higher (FigureM (tlZ),ReélrteS, G. Bi;gg/lf?rlalndzc;?s' J.; Blesa, M. A Hewlett, P. B.;
Y H H H atijevic, W , .

4). In addlt_lor?, the e_lbsorbance increase is a_ccompam_ed by a (13) Aki, N. V. K. S.; Ding, Z.-Y.; Abraham, M. AAIGREJ. 1996

spectral shift indicating a change in equilibrium, not just a 42 1995,

change imycro,- (Figures 4 and 5). Clearly, the density effect (14) Huang, S.; Daehling, K.; Carleson, T. E.; Taylor, P.; Wai, C.; Propp,

on the normalized absorbances is minor compared with the”- In ACS Symposium Series 406. Supercritical Fluid Science and
P TechnologyJohnston, K. P., Penninger, J. M. L., Eds.; American Chemical

cha_mge in chemical equilibrium. o Society: Washington, DC, 1989; pp 27886.
(iv) Other Sources of Error. A 1% uncertainty in KOH (15) Huang, S.; Daehling, K.; Carleson, T. E.; Abdel-Latif, M.; Taylor,
concentration produces an uncertainty of 0.1 kiaqat 160°C P.; Wai, C.; Propp, A. IIACS Symposium Series 406. Supercritical Fluid

: 4 Science and Technologylohnston, K. P., Penninger, J. M. L., Eds.;
for the lowest KOH concentration (2.94 10 m) and 0.03 American Chemical Society: Washington, DC, 1989; pp-2870.

for the highest concentration. At 18@ the corresponding (16) Rollans, S.; Gloyna, E. Flechnical Report CRWR 24Center
numbers are 0.05 and 0.03, while for other temperatures theyfor Research in Water Resources: The University of Texas at Austin, 1993.

usually do not exceed 0.03. The uncertainty due to uncertaintiesKgglk? ;2( ;&?fglg(iz' ’\1‘2 ﬁ%%%hafa' S.; Yanagisawa, K.; Matsuokaligpon
in band areas strongly depends on the chromate/bichromate ratio (18) Mesmer, R. E. Marshall. W. L.: Palmer, D. A.: Simonson, J. M.:

and may be as high as 0.15 for a 2% uncertainty in the measurecHolmes, H. F i iminmiiag 958 17, 699.
area at 160C, but it quickly drops to around 0.05 at higher (19) Ho, P. C.; Palmer, D. A. IrPhysical Chemistry of Aqueous
temperatures Systems: Meeting the Needs of Industry. Proceedings of the 12th Interna-
P ’ tional Conference on the Properties of Water and Steafhite, H. J., Jr.,
; Sengers, J. V., Neumann, D. B., Bellows, J. C., Eds.; Begell House: New
Conclusions York, 1994; p 518.

Acid—base equilibria of Cr(VI) may be measured directly (20) Ho, P. C.; Palmer, D. A.; Mesmer, R. jininintimaiian1994
by UV—vis spectroscopy up to 40@. The deprotonation of ~ 23 997-

21) Zimmerman, G. H.; Gruszkiewicz, M. S.; Wood, R. .
the HCrQ~ becomes less favorable as the temperature of m(wq).lgg5 99, 11612. Lk

alkaline solutions®on = 5.81 x 1074 mol kg™?) of Cr(VI) (22) Ho, P. C.; Palmer, D. /imiiintimiiany 1996 25, 711.

is raised from 20 to 260C. Bichromate is a sufficiently strong gi; mesgﬁeﬂ I'g- ED-; FE)O'm:S&_H- Wlagz ,\2/|1’k7|25- «
: : : . : acaonald, . . ettiarachcni, ., 20ng, . akela, .

acid such that deprotonation is exothermic. At higher temper- Emerson, R.; Ben-Haim, Mjiimimtismiiam 1902 21, 849,

atures K2 decreases faster than at lower temperatures due to  (25) shin, T.-W.; Kim, K; Lee, |.-jiniliaasiiaam] 997, 26, 379.

an isobaric decrease in density. From 380 to 4Q0) the (26) Xiang, T.; Johnston, K. FHisiitkteisiaa1 994 98, 7915.

HCrO,~ concentration decreases unlike the case at lower _ (27) Xiang, Eggghé‘gti%g- P.; Wofford, W. T.; Gloyna, E. [Bd.
B , 4788,

temperatures. lon pair formation of {(){CrO42~) becomes very (28) Xiang, T.; Johnston, K. fiistimestiesr1997 26, 13.
favorable even in weakly alkaline solutions. Also pronounced  (29) Ryan, E. T.; Xiang, T.; Johnston, K. P.; Fox, M. finBilkimiSiai

electrostriction of water about C#® and nonspecific effects A 1997 101, 1827.

of activity coefficients (ionic strength) can contribute to the 4(3;%)07"'ei”"°h' C. A; seward, T. M 90
decreased stability of HCrO in the supercritical region. These (31) Seward, T. v I o5/, /s 121.

effects are best understood by examining the relative acidity of  (32) Cieslak-Golonka, Ml 1991, 109 223.

bichromate versus water, described by the reaction HCHO g% EZC%SJ'VC';?”?»}U% '—J“"i%?& 32,5630-1045

- = 2- ive ioni y WG . J. I . .
OH = _CrO4 + H20, rather thanK,.. _Progressive ionic (35) Howard, J. R.: Nair, V. S. K., Nancollas, G. jusaemsasssy
association eventually leads to®rO, precipitation at 420C. Soc.1958 54, 1034.

(36) Sasaki, Y it d.962 16, 719.
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