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Finally, by difference, 40% of the CT excitation energy is
dissipated directly to the ground state, without passing through
the LF energy levels.

Acknowledgment. This investigation was supported by the

Ministero della Pubblica Istruzione of Italy.

Registry No. trans-[Cr(NH,),(CN)CI]CIO,, 116301-75-8; cis-Cr-
(NH,)(H,0)CI?*, 19544-03-7; NH,, 7664-41-7; CN-, 57-12-5; CI-,
16887-00-6.

Contribution from the Department of Chemistry, Aarhus University, DK-8000 Aarhus C, Denmark,
and Chemistry Division, Argonne National Laboratory, Argonne, Illinois 60439

Protolytic Properties of Perxenic Acid
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Spectra and protolytic properties of aqueous perxenic acid in the pH range —0.2 to 13 were studied by conventional and stopped-flow
spectrophotometry. The following pK values and limits were found (25.0 °C): pKyxeo, < 0, PKizyxe0, = 4.29 £ 0.03; pKyg,xe0¢-
= 10.81 = 0.04. The enthalpy of dissociation (25.0 °C) of H;XeOg is 0 £ 5 kJ mol™; that of H,XeO¢? is 3 & 2 kJ mol™.

Introduction
Because of the rapid decomposition of perxenates by acids!»?
HXCOGJ_ + 3H* — XeO3 + 2H20 + l/202 (1)

little is known of the equilibrium properties of perxenic acid in
acid aqueous solution. It has been pointed out, however, that
perxenic acid may possess unusual protolytic properties.> Raman
spectra of aqueous alkaline perxenate solutions show that the
Xe(VIII) species present in these solutions are octahedrally co-
ordinated,* which implies the formula H XeOj for the perxenic
acid itself. This accords with the crystal structure of alkali-metal
perxenates.’

Protonation of perxenate to H,XeO4 and H,XeOg has not
heretofore been observed because of the rapidity of reaction 1.
A pK value of 10.5 has been measured for the acid dissociation
of H,XeO¢>",> and a lower pK limit of 14 has been set for the
dissociation of HXeOg*".* Assumption of a 4-5 unit difference
between successive pK'’s suggests pK; ~ 2 for the acid dissociation
of H,XeQ, in disagreement with Pauling’s empirical rules,® which
predict a value between ~2 and -3 for pK; of such an acid. In
the present investigation we have determined the protolytic
equilibria of perxenic acid in the pH range —0.2 to 13 by time-
resolved spectrophotometric measurements.

Experimental Section

Time-resolved absorbance measurements of perxenate solutions were
made at pH <7 with an Aminco-Marrow stopped-flow apparatus’ and
at pH >7 with a Cary 219 spectrophotometer. A cell length of 1 cm was
used with both instruments. The temperature was kept constant to within
0.1 °C. A few experiments were made with a nonthermostated SF-51
High-Tech stopped-flow spectrophotometer with an optical path of 0.2
cm. The temperature in these experiments was ambient (23 % 2 °C).

Absorbance readings on the Aminco-Marrow instrument were cali-
brated against readings on the Cary instrument in the wavelength range
200 < A < 300 nm, using a 10~ mol dm™? periodate solution at pH 11,
which has a spectrum similar to that of perxenate solutions (vide infra).
The error of absorbance readings on the stopped-flow instruments was
typically 1-2%. A source of error in the present stopped-flow measure-
ments was a slow decomposition of the perxenate stock solution when
kept in the storage syringe of the Aminco-Marrow instrument. Correc-
tion for the decomposition was obtained by repeating the measurements
in the opposite order with fresh solutions.

The solution studied resulted from mixing a perxenate stock solution,
which contained 1072 mol dm™ NaOH and 10 to 3 X 107 mol dm™
Na,XeOQg, with an equal volume of a solution containing a buffer or an
acid. Perxenate stock solutions were prepared by dissolving an appro-
priate quantity of sodium perxenate, weighed on a Cahn Electrobalance,
in 5 or 10 mL of 1072 mol dm™* NaOH solution. Ionic strength was
adjusted with sodium perchlorate. The pH of the mixed solution at zero
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Scheme I

H,XeO4 = H;XeOg + H 2)

pk; < O°

H;XeO4 = H,XeOg + H* (3)

pK, = 429 £ 0.03;? AH,®° = 0 % 5 kJ mol!24

HzXCOGZ- = HXe063' + H* (4)

pk; = 10.75 £ 0.02,> 10.8,2 10.81 + 0.04;%¢ AH,°, = 3 £ 2 kJ
mo]" ad

HXeOg = XeO¢* + H* (5)

pKy > 14

2This work, ®Data from ref 3 extrapolated to zero ionic strength.
Reference 4. “Error estimated.

time after the mixing was set equal to the pH of a solution that resulted
from mixing with the buffer or acid a solution of the same composition
as the stock solution but in which sodium perxenate was replaced by an
appropriate quantity of sodium hydroxide. The pH was measured with
a Radiometer pH M 64 Research pH meter using a Radiometer G 202
C glass electrode and a Radiometer K 701 calomel electrode. The pH
calibration was made with Radiometer type S 1316 and S 1326 standard
buffers.

Acids were titrated with sodium hydroxide solutions standardized
against potassium hydrogen phthalate. Sodium perxenate was prepared
as described previously.> The molar weight was 380. Perchloric acid and
sulfuric acid were Merck Suprapur. Water was triply distilled. All other
chemicals were Merck p.a.

Results and Discussion

Protolytic Properties. Scheme I shows protolytic equilibria
among perxenate species at 25.0 °C. (Unless stated otherwise,
the errors given are standard deviations obtained by least-squares
treatment).

The spectra of perxenate solutions in the pH regions —0.2 to
2,6 t0 8, and 12 to 13, which we assign to HyXeOg", H,XeO4>",
and HXeOg¢*, respectively, are shown in Figure 1.

The spectra of HXeOg*", H,XeO4?", and XeO; agree with
spectra measured previously.> Molar absorption coefficients
determined here of HXeOg* at 239 nm (max), of H,XeO¢>™ at
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Figure 1. Spectra of XeO;, H;XeOq4, HyXeOg?, and HXeOg*™. (The
vertical bars on the H,XeO,™ curve indicate uncertainties.)

219 nm (max), and of XeO, at 200 nm are 5620, 4920, and 3350
dm? mol™! em™, respectively. The corresponding values previously
determined are 5600, 4950, and 3300 dm? mol™! cm™.> The
spectra shown in Figure 1 are normalized to the latter values. The
spectrum of H,XeO¢* was obtained from optical densities of
perxenate solutions in 1072 mol dm™ phosphate buffers at pH 7-8
measured at 1-min intervals and extrapolated to zero time after
preparation of the solution.

The stoichiometry of reaction 1 under the present conditions
was verified by measuring the absorption spectrum before and
after acidifying a perxenate solution that was originally at pH
12.5.

The spectrum of H;XeOs~ was obtained from stopped-flow
spectrophotometric measurements by observing the absorbance
change, AOD, after mixing of perxenate solutions with solutions
of perchloric acid or sulfuric acid. Assuming that AOD is caused
by the reaction

H;XCOG_ + H* — XeO; + 2H20 + 1/202 (6)

we determined the molar absorption coefficient of H;XeOq",
€4,%00¢» from the relation AOD = (ey,x.0,- — €xc0,)/c and the molar
absorption coefficient of XeOs, ex,o, measured in the present work.
1 is the length of the optical cell, and ¢ is the initial concentration
of ngeOG-;

The kinetics of reaction 6 are complex and appear to be irre-
producible at low perxenate concentration.! However, in the
present measurements the uncertainty of the extrapolation of AOD
to zero time necessitated by the dead-time of the instrument (3
X 1073 s) was not larger than 2-3%.

No change of the molar absorption coefficients of H;XeO,™ and
H,XeO¢> was observed upon changing the perxenate concen-
tration from 5 X 107 to 5§ X 1072 mol dm™ and the temperature
from 15 to 30 °C and 0 to 30 °C, respectively.

The present assignment of spectra leads to an upper limit of
zero for pK,. A value of pK, was determined from stopped-flow
measurements of AOD at 265 nm, extrapolated to zero time after
mixing at 1072 mol dm™ NaOH solution containing 4 X 10~ mol
dm™3 sodium perxenate with an equal volume of a solution con-
taining 0.2 mol dm™ of an acetate or a phosphate buffer. The
ionic strength was adjusted to 0.1 mol dm™3 by addition of sodium
perchlorate to the buffer solution. AOD at zero time should be
related to the measured pH by

PH = pK; —log (f/£2)) -
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Figure 2. pH of perxenate solutions containing acetate or phosphate
buffers versus log ((AODpy; — AOD)/(AOD - AODyy,)). AOD is the
absorbance change at 265 nm caused by reaction 6 and is measured by
stopped-flow spectrophotometry.
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Figure 3. pH of perxenate solutions containing borate or phosphate
buffers versus log ((ODyy;3 — OD)/(OD - OD,y75)). OD is the optical
density at 245 nm of the perxenate solution, extrapolated to zero time
after preparation of the solution. Data are taken from ref 3 and un-
published addenda thereto. The stippled line is drawn with the theoretical
slope of -1.

in which f~ and f,™ are activity coefficients of singly and doubly
charged ions, respectively. The findings agree with eq 7. The
data are plotted in Figure 2. The straight line through the points
represents a least-squares fit of pH to a linear function of log
((AODyy; — AOD)/(AOD - AOD,y,)). The slope is ~0.99 & 0.06,
and the intercept is 3.92 £ 0.03. With f~ and f; calculated by
Giintelberg’s formula for activity coefficients,” we find pK, = 4.29
£ 0.03 (25 °C).

From the observation that the quantity (AOD,y; - AOD)/
(AOD - AOD,y;) measured in acetate buffer at pH 4.02 was
constant between 20 and 30 °C and the fact that the enthalpy
of dissociation of acetic acid® is small over the same temperature
range, we estimate the enthalpy of dissociation of H;XeO4: AH,°
= (0 £ 5) kJ mol™! at 25.0 °C.

A pK value of 10.5 for the dissociation of H,XeO¢?" at an ionic
strength of 0.02 mol dm™ was obtained previously by an elec-
trometric titration of an alkaline sodium perxenate solution with
perchloric acid.> With the use of Giintelberg’s formula for cal-
culating coefficients,’ this value leads to pK; = 10.8 at zero ionic
strength. We applied a least-squares treatment similar to that
above to previously measured molar absorbancies of perxenate
in various buffer solutions® at 7.5 < pH < 13 and obtained a pK
value of 10.13 £ 0.02 at an ionic strength of 0.1 mol dm™., By
the use of Giintelberg’s formula for activity coefficients, this
corresponds to pK; = 10.75 £ 0.02 at zero ionic strength.

Note, however, from Figure 3 that the slope of the straight line
determined by the least-squares treatment deviates significantly

(8) Klaning, U. K.; Bjergbakke, E.; Sehested, K., to be submitted for
publication.

(9) Robinson, R. A.; Stokes, R. H. Electrolyte Solutions, 2nd ed. (revised);
Butterworths: London, 1970.



3762 [Inorganic Chemistry, Vol. 27, No. 21, 1988

Klining and Appelman

Table I. pK Values and Standard Gibbs Energies of Formation, A;G®, of Perxenic Acid and Perxenate Anions at 25.0 °C

H4XCOG H;XCOG— HZXeOSZ' HXCOSS- XCO44_
pK -3 to 0° 4.29 £ 0.03 10.81 + 0.04 >14
AfG® /kJ mol™ 260 + 10°* 250 £ 20* 275 £ 20* 335 £ 20* >420

2 Lower limit, Pauling’s rule; upper limit, this work. ®Reference ; an asterisk denotes errors estimated.

from the theoretical value of ~1. Moreover, because of the high
charge of the perxenate anions, Giintelberg’s formula for activity
coefficients may not be valid at the present ionic strength. To
obtain a more realistic value for pK; we have measured

K = [CO4¥][H,XeOs*] /[HXeOs ][HCOyT ] (8)
for the equilibrium
HXCOGJ_ + HCOJ- = HzerGZ_ + COJZ— (9)

at [HCO;] ~ [CO,%7] varying between 2.5 X 107 and 2.5 X
1072 mol dm™, and with the perxenate concentration adjusted to
102 X [CO,T.

The ratio @ = [H,XeO4?]/[HXeO4"] was measured as

Q = (ODyg137 = OD) /(OD ~ ODyyy), (10)

where OD 127, ODyu79, and OD are optical densities of perxenate
solutions containing 5 X 102 mol dm™ NaOH, 5 X 102 mol dm™
phosphate buffer, and carbonate-hydrogen carbonate, respectively.
Perxenate solutions containing carbonate and hydrogen carbonate
in almost equal concentrations were prepared by mixing a sodium
hydroxide solution containing perxenate with an equal volume of
a solution containing NaHCO, in a concentration twice that of
the sodium hydroxide.

The concentrations of CO,* and HCO;", corrected for the
hydrolysis of CO,%~ and reactions with perxenate, were found from
the relations: [CO,2"] = [NaOH] + [Na,XeOg] + [H,XeOg?]
- [OH7] and [HCO;7] = [NaHCOQ;] - [CO,%], where [NaOH],
[Na,XeO4], and [NaHCO,] denote concentrations of added
substances. [OH~] was determined by pH measurements and
[H,XeOg?] from measurements of @, and [Na,XeQq] =
[HzXCOGZ_] + [HXCOGJ_]- .

In Figure 4 log K at 25 °C is plotted against the square root
of the ionic strength, v~/u. The points indicate a negative curvature.
The straight line represents a least-squares fit of the data, ex-
cluding the point at x = 0.1 mol dm™. A value pK; = 10.82 +
0.02 was obtained by extrapolating log K to zero ionic strength
and taking pKyco,- = 10.33 for the dissociation of HCO;~.10 By
extrapolating linearly from the value of log K at v/u ~ 0.1 to
zero ionic strength, taking the slope as equal to that of the De-
bye-Hiickel limiting law, we obtain pK; = 10.81. We estimate
the error not to be larger than £0.04.

The enthalpy of dissociation of H,XeO¢?~ at 25.0 °C, AH,°,
was estimated from measurement of K at varying temperatures

AH,® = AH®gco, — RT¥d(In K) /9T), (11)

(8(In K)/aT), was approximated by A(ln Q@ + In ¥_,/)/AT. Q
was measured at u = 0.1 mol dm™, At 20.4, 25.2, and 29.5 °C,
we find In Q = -0.03, 0.05, and 0.11 with the estimated errors
of £0.02. Accordingly, we take A(ln Q)/AT = (1.5 £ 0.3) X 1072
K™l The term A(ln 3°f;)/AT is small compared to A(ln Q)/AT.
From the straight line in Figure 4, we find A(In T ,f)) = 2.3av/1
In 10, where « is the constant of the Debye-Hiickel limiting law
for activity coefficients, f;, We take A(In 3> /f))/AT = 2.3v/uIn
10 dee/dT. With u = 0.1 mol dm™ and de/dT = 1073 K1,'% A(In
T)/AT =17 X 102 K. Taking AH®yco, = 15.1 kJ mol™.,!0
we find AH,° = (3 £ 2) kJ mol™..

The present determination of acid dissociation constants leads
to new estimates for the standard Gibbs energies of formation of

(10) Harned, H. S.; Owens, B. B. The Physical Chemistry of Electrolytic
Solutions: Reinhold: New York, 1968.
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Figure 4. Logarithm of the equilibrium constant X for the equilibrium
HCO;™ + HXeOg™ = CO;T + H,XeO4?, plotted against the square root
of the ionic strength u ~ 4[CO;*].

the perxenate anions (Table I).

Both Pauling’s empirical correlation® and the more involved
treatment by Ricci!! predict that an acid of the formula H,XeOg
should have about the same ionization constant as sulfuric acid
(pK between -2 and —3), while pK values for the subsequent
ionization steps are expected to differ by 4-5 units. We see from
Table I that the pK values for the second and third ionization of
perxenic acid differ by about 6.5 units, and a comparable dif-
ference between the pK’s for the first and second ionizations is
required if perxenic acid is, in fact, to be as strong as sulfuric acid.
Such large differences between successive ionization constants of
simple oxoacids, while unusual, are not unknown,; they appear in
such familiar acids as H,CO; and H,CrO,.!? Substantial de-
viations from Pauling’s rules can also reflect changes in coordi-
nation or aggregation accompanying ionization, although in the
present case the deviations do not appear to be of sufficient
magnitude to warrant invoking such elaborate explanations.
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