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9,12 positions, 1314 These results all indicate that the
course of these reactions is determined by the charge
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Heat of solution measurements of sodium sulfate in water and dilute aqueous hydrochloric acid solutions were made at

several temperatures between 0 and 100° to obtain the thermodynamic properties of the aqueous bisulfate ion.

From the

temperature dependence of these heats the standard partial molal heat capacities for bisulfuric acid (H-HSOs) and sodium
bisulfate were determined. Values of —4142 4= 69 cal mol~! and —22.90 &= 0.20 cal mol~! deg~! were obtained for AH®

and AS®, respectively, at 25° for the dissociation of the aqueous bisulfate ion.
of the bisulfate ion were evaluated from 0 to 150° from the calorimetric data.

New values of the dissociation constant, K°,
Previous values of K° obtained from equilib-

riun measurements over this temperature range were analyzed by the third-law method and shown to be in satisfactory

agreement with the thermal measurements.

Introduction

The integral heat method of obtaining partial molal
heat capacities of pure substances has been described
in some preceding papers of this series.=7 As used
previously, the standard heats of solution of some salt
are determined at convenient temperature intervals
over a range of temperatures. The temperature
dependence of the standard heat of solution can then be
calculated as can, ultimately, the partial molal heat
capacity of the ions which are formed on dissolution.
In this communication we describe the extension of
this method to obtain accurate thermal data on a
species, the bisulfate ion, which cannot be formed in
the pure state, but only in equilibrium amounts and in
the presence of other ions. In principle, measurements
on HSOs~(aq) can be obtained either from dissolving
sulfuric acid in water or from dissolving a soluble sul-
fate salt in dilute solutions of a strong acid. The heat
obtained is then due to the sum of the heat of solution
and the heat of the association or dissociation of HSO,~.
A number of considerations led to the choice of allowing
sodium sulfate to react with dilute hydrochloric acid
solutions, not the least of which was the smaller heat
of solution of sodium sulfate compared to sulfuric acid
or one of its hydrates. Consequently more of the ob-

(1) This communication constitutes paper XII of a series of communica-
tions from these laboratories on the thermodynamic properties of high-
temperature agueous solutions.

(2) Supported in part by a grant from the National Science Foundation.

(3) From the Ph.D. thesis of J. M. R., Purdue University, Jan 1869,

(4y C. M. Criss and J. W, Cobble, J. Am. Chem. Soc., 83, 3223 (1961).

(5) J. C. Ahluwahlia and J. W. Cobble, ¢bid., 86, 5377 (1964).

(6) R, E. Mitchell and ]J. W, Cobble, tbid., 86, 5401 (1964).

(7) E. C. Jekel, C. M. Criss, and J. W. Cobble, ibid., 86, 5404 (1964).

served heat is due to the bisulfate ion and not to the
solution process.

One hundred and sixty-eight separate heats of solu-
tion of solid sodium sulfate have been made in water
and dilute solutions of hydrochloric acid at various
ionic strengths between 4.34 and 95.00°. From these
data and the accepted value of the dissociation constant
of HSO,=(aq) at 25° it was possible to determine the
thermodynamic properties for the dissociation process
over an extended interval of temperature. From the
temperature dependence of AH® of dissociation and the
previously reported® heat capacities of Na;SO4{aq) and
H,S0.(aq), the standard partial molal heat capacities
of NaHSO(aq) and H-HSO,(aq) have been obtained.
Finally, it has been possible to reexamine the previously
obtained thermodynamic functions for the dissociation
of HSO:~(aq) from extensive equilibrium measure-
ments® ! and check their consistency with the thermal
data.

Experimental Section

Apparatus.—The submarine-type heat of solution calorinieter
(CS-2) which was used to make these measurements has been pre-
viously described.” The calorie was taken as 4.1840 abs J.

Materials.—The sodium sulfate used to make these calorimetric
measurements was prepared from Baker Analyzed reagent grade
sodium sulfate in the anhydrous form. The salt was dissolved in

(8) W. L. Gardner, . C. Jekel, and J. W, Cobble, J. Phys. Chem., 78, 2017
(1969).

) 1. F. Young, C. R, Singleterry, and I. M. Klotz (theses of Singleterry
and Klotz), University of Chicago, 1940; quoted by R. A. Robinson and
R. H. Stokes, “Electrolyte Solutions,” Butterworth and Co. Ltd., London,
1959, p 385.

(10y M. H. Lietzke, R. W. Stoughton, and T. F. Young, J. Phys. Chem.,
65, 2247 (1961).

(11) W. L. Marshall and E. V, Jones, ibid., 70, 4028 (1066).
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distilled water which had been passed through an ion-exchange
column and was filtered through a medium-porosity filter. The
stirred solution was then cooled in an ice bath, the recrystallized
salt was filtered and washed, and the process was repeated three
times, retaining about half of the salt each time. After drying
in a vacuum oven at 85° for 1 day, it was ground finely in a mullite
mortar, dried again in a muffle furnace at 150° for another day,
and stored in a vacuum oven at 120°. In order to check the con-
sistency of heats of solution made on separately prepared samples
of sodium sulfate, two purified sets of samples were made up from
different lots of the commercial salt. Two series of measure-
ments, which will be referred to as series I and II, were made at
34.96° on the heats of solution of these materials in water. The
data indicated that they were calorimetrically equivalent within
experimental error.

Hydrochloric acid solutions were prepared from the Baker
Analyzed reagent, which contained 36-379, HCl by weight.
A stock solution was prepared by first diluting the concentrated
acid to about 0.8 M and then accurately determining the con-
centration by a pH titration, using the standard base THAM.
The concentrations of the final hydrochloric acid solutions were
prepared by diluting a known volume of the stock solution in a
volumetric flask.

Procedure.—The heats of solution measurements made by
dissolving sodium sulfate in dilute hydrochloric acid solutions
were endothermic at all temperatures. The heats of solution
of sodium sulfate in water, however, were exothermic at tem-
peratures >18°, The procedures used to carry out these two
types of heat of solution measurements were the same as those
used by previous workers in these laboratories.*®

Thermal Data for the Dissociation of the Bisulfate Ion

Thermodynamic properties for the dissociation of
bisulfate were obtained from measurements made on

two separate series of heats of solution. The first
measurements involved the reaction
aq
NagS04(c) —> 2Na*(aq) + S04 (aq) 1)

A series of measurements at various concentrations
was made on this reaction at each selected temperature
and the heat of solution of sodium sulfate was obtained
as a function of concentration. The values of AH,
obtained were extrapolated to infinite dilution in the
usual manner employed in these laboratories* by adding
a Debye-Hiickel term to each AH, value. The quan-
tity obtained, p, is given by the equation

p= AH, — (v/2)|Z,Z_|Aul*a = AH,® —

dB
2.303RT2d—];v+ vl (2)

where » is the number of ions formed from each mole-
cule of salt, Z is the ionic charge, I is the ionic strength,
Aw is the Debye-Hiickel limiting slope, dB/d7T is a
constant,!? and « is expressed in terms of the equation

a = (14 It = I 4 I — (1 + I —
2In (1 + I 3)

A linear extrapolation of p vs. ionic strength was made
to zero concentration using the method of least squares.
At infinite dilution, the last term in eq 2 becomes zero
and the intercept becomes AH,°, the standard heat of

(12) G. N. Lewis and M. Randall, “Thermodynamics,” 2nd ed, revised

by K. S. Pitzer and L. Brewer, McGraw-Hill Book Co., Inc.,, New Vork,
N. Y., 1961, p 640.
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solution. The thermal data on this reaction are
summarized in an empirical form in Table 1.

TaBLE I
SUMMARY OF HEATS OF SOLUTION OF SODIUM SULFATE

p* = AH° + (dp/dD)I

Temp, °C AH4°, cal/mol 103d p/dI
4,530 1412 £ 19 —1.6 = 0.2 (10)¢
15.00 302 = 13 —1.9+0.2(8)
24 .99 —567 £ 12 —-1.0=x£0.2(9)
34.96 (I)¢ —1311 = 29 0.1 +0.2(14)
34.96 (I1)¢ -~ 1305 %= 15 ~0.1=+0.2(11)
60.03 —2896 &= 14 0.6 +=0.2(7)
85.17° ~—4387 % 20 ~0.1£0.2(9)
95.000 -~ 5054 £+ 30 0.4 +0.2(9)

e This equation is for ionic strength <0.05. ? Data at these
temperatures are from ref 8 ¢ Parenthetical values refer to the
number of different heats of solution obtained at each tempera-
ture. 4 Series I and II refer to different samples of Na,SO:
used at the same temperature. The heat data were treated
separately for the two samples in all calculations even though
AH,° and (dp/dI) agree within experimental error.

The second series of heat of solution measurements
were carried out by dissolving sodium sulfate in dilute
hydrochloric acid solutions at 4.34, 15.00, 24.99, 34.96,
60.03, 85.62, and 95.00°. The solution of sodium sul-
fate in aqueous hydrochloric acid can be considered as
taking place in two steps

NasSOy(c) —> 2Na*(aq) + SO~ (aq) (4a)
Ht(aq) + SO2(aq) 2 HSO, (aq) (4b)

The first step is simply the heat of solution of sodium
sulfate (Ahs). In the second step of the reaction,
sulfate ions associate with hydrogen ions to form
bisulfate ions, and the heat obtained from this associa-
tion step will be identified as Ak,. The problem is to
isolate Ak, from Ah, in order to obtain the thermody-
namic properties for the dissociation of the bisulfate
ion.

The calorimeter measured an over-all energy, Ah,
when sodium sulfate was dissolved in aqueous hydro-
chloric acid, and so Ak, is equal to A% — Ah,. For each
calorimetric measurement a value of Ak, corresponding
to the ionic strength of the final calorimetric solution
of sodium sulfate in aqueous hydrochloric acid, was
subtracted from A% to give Ah.. A value of Ak was
calculated for each measurement in the following way.
First a p value for Nay,SO; was obtained from the
relationship summarized in Table I at the ionic strength
of the experiment. AH, corresponding to this ionic
strength was then obtained from the equation

AH, = p + 34x]"a (5)

The value of AH, so obtained!® was multiplied by the
number of moles of sodium sulfate dissolved finally to
obtain Ak, which was subtracted from Al to give Ak,.

(13) At two temperatures (4.34 and 85.62°) the measurements on sodium
sulfate in aqueous hydrochloric acid were not made at exactly the same tem-
peratures as the measurements on sodium sulfate in water (4.53 and 85.17°).
At these temperatures it was necessary to make a small correction to AH;.
The corrections were 26 and — 29 cal mol 1, respectively.
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TaBLE II
THERMAL DATA FOR THE DissociaTioN REacTioN HSO, (aq) 2@ H*(aq) + SO~ (aq)

Initial moles

of NasS0s —Initial molality X 103— Moles of — AHQiss, —24g1 %, ~ pdiss,
X 103 NazS04 HCl Ak, cal HSOs~ X 103 cal mol -~ cal mo] 1 cal mol~t 103/
4.34°
1.1480 2.726 3.939 2.2505 0.2095 2429 65} 9352 10 .98
1.1031 2.620 3.939 2.1070 0.2021 2145 64 '
0.9064 2.152 7.887 2.0713 0.2886 2401 69 2470 12.97
1.5012 3.565 11.818 3.6649 0.6041 2255 84
1.2358 2.935 11.818 3.1157 0.5041 2428 81 2403 18.89
1.3442 3.192 11.818 3.3022 0.5453 2279 83
1.1014 2.616 19.701 3,2314 0.5975 2571 94} 2705 95.13
1.2800 3.040 19.701 3.7999 0.6905 2650 95 '
0.8037 1.909 27.612 2.5410 0.5074 2562 103 2665 30.93
2.2695 5.390 27.612 7.0373 1.389 2539 112 2651 37.18
3.1681 7.525 27.612 9.5281 1.900 2432 117 2549 41.16
AH 436 = —2290 £ 140° cal mol~*
15.00°
0.9508 2.260 8.036 1.4470 0.3436 3100 83} 3979 13.05
0.9040 2.148 8.036 1.4374 0.3278 3280 82 ’
1.2554 2.984 8.036 1.9428 0.4440 3229 88!
1.2017 2.856 8.036 1.8219 0.4266 3130 88 3188 14.52
1.1177 2.656 8.036 1.6265 0.3992 2944 86
0.9623 2.287 12.054 1.8417 0.4454 3250 93 3343 16.80
2.0915 4.971 12.054 3.7307 0.9130 3128 106 3234 22.63
3.0300 7.202 12.054 5.2047 1.258 3115 117 3232 27.68
2.7160 6.456 16.072 5.4453 1.362 3151 118\ 3269 28.96
2.2602 5.372 20.091 5.1474 1.292 3240 120!
3.0253 7.191 16.072 5.9455 1.498 3109 121f 3295 80.30
1.5239 3.622 28.110 4,0990 1.018 3384 128 3512 34.14
2.3500 5.585 28.110 6.1511 1.544 3329 134 3463 37.53
3.5164 8.358 28.110 8.8008 2.253 3232 141 3373 42.47
3.9512 9.391 28.110 9.8522 2,507 3249 143 3392 44 .36
4.3877 10.429 28.110 10.7828 2.756 3224 145 3369 46.29
AHgi,° = —3150 &= 992 cal mol™?
24.99°
0.8144 1.939 7.866 0.9820 0.3317 4038 94 4132 12.10
0.9580 2.281 7.866 1.1415 0.3859 4039 96 4135 12.87
1.1426 2.720 7.866 1.3189 0.4538 3993 99 4092 13.86
1.3424 3.196 7.866 1.5393 0.5250 4024 103 4127 14.95
1.8551 4.416 7.866 1.8722 0.6975 3794 112
0.8991 2.140 11.826 1.5246 0.4588 4152 107 4158 16.49
0.8040 1.914 11.826 1.3914 0.4124 4203 105
1.7157 4.084 11.826 2.6517 0.8379 4004 118 4122 20.09
1.8183 4.329 11.826 2.7868 0.8830 3997 119 4116 20.61
2.3473 5.588 11.826 3.3275 1.107 3857 125
1.3609 3.240 19.747 3.0038 0.8603 4118 130 4144 24.14
0.9746 2.320 19.747 2.1508 0.6232 4077 126
2,2957 5.465 19.747 4. 8060 1.410 4038 140 4162 29 36
2.3538 5.604 19.747 4.8714 1.443 4006 140 ’
AHgi° = —4120 £ 1107 cal mol~!
34.96°
0.3629¢ 0.863 3.941 0.1098 0.1136 4782 78 4860 5.990
0.5267° 1.253 7.880 0.6005 0.2500 4843 1001
0.9649* 2.297 3.941 0.1829 0.2789 4688 96,
0.7118 1.694 7.890 0.8676 0.3333 5057 105% 4967 10.57
0.5910 1.407 7.890 0.6574 0.2793 4792 103:
0.5750 1.369 7.899 0.6842 0.2723 4948 1024
0.9076° 2.161 7.877 0.9431 0.4180 4745 109
0.9314 2.217 7.890 0.9522 0.4286 4704 110
0.8402 2.000 7.899 0.9493 0.3897 4905 108 4883 12.36
0.8867 2.111 7.871 0.9431 0.4089 4786 109
0.9578 2.280 7.871 0.9837 0.4392 4729 110
1.0574" 2.517 7.877 1.0861 0.4812 4766 112 4806 13 48
1.1901° 2.833 7.877 1.1205 0.5358 4618 115
1.2031¢ 2,864 11.834 2.0205 0.6730 5003 127
1.3165° 3.134 11.834 1.9492 0.7319 4671 129 4981 17.05
0.9787% 2.330 11.834 1.6088 0.5540 4890 124}
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TABLE 11 (Continued)

Initial moles

of Naz:S04 ~Initial molality X 10%— Moles of —AHdiss, — 2451V, — pdiss,
X 103 Na:S04 HC1 Ah, cal HSO:~ X 103 cal mol—1 cal mol~1 cal mal—t 1087
34.96° (Continued)
1.9760 4.704 19,747 4.1744 1.330 4734 157 4891 27.53
2.1333° 5.079 19.732 4.4775 1.428 4735 158 4893 28.17
1.3188° 3.139 23.589 3.1905 0.9569 4809 159
2.3206° 5.546 19.676 4.7933 1.549 4701 161 4903 9877
2.2949 5.464 19.747 4.8184 1.529 4753 161 '
2.2860 5.442 19.747 4.7321 1.524 4708 160
2.4362% 5.800 19.708 5.0304 1.615 4722 162 4884 29.42
2.5360 6.038 19.747 5.2460 1.678 4737 162 4899 29.87
AHgi® = —4922 = 100¢ cal mol—1
60.03°
0.9507 2.263 8.040 1.3518 0.5960 6513 152 6655 11.99
1.1243 2.676 8.040 1.5813 0.6952 6567 156 6723 12.76
1.3461 3.204 8.040 1.7516 0.8175 6498 162} 6711 13.96
1.4310 3.407 8.040 1.9129 0.8629 6598 164 '
1.0053 2.393 16.123 2.5768 0.7875 6590 190 6780 19.55
1.7270 4.111 16.123 4.2003 1.325 6537 200 6737 22.15
2.2010 5.240 20.156 5.9918 1.765 6571 221 6792 27.47
2.2191 5.283 20.156 6.0248 1.779 6565 221 6786 27.54
2.3082 5.495 20.156 6.1913 1.846 6535 222 6757 27.85
2.5429 6.054 32.252 8.4275 2.219 6641 260} 6886 39.79
2.4598 5.856 32.252 8.0950 2,148 6611 259 e
AHgies® = —6637 = 34¢ cal mol™!
85.62°
1.1373 2.707 3.951 0.6459 0.6652 8179 184 8398 9 546
1.3689 3.259 3.951 0.5603 0.7538 8240 194
1.1792 2.807 11.854 3.5682 0.9946 8407 236 8600 15.83
1.3525 3.220 11.854 3.9450 1.134 8317 241 '
1.4806 3.525 19.728 5.3241 1.338 8393 288 2682 24 02
1.5394 3.665 19.728 5.5312 1.390 8395 288 T
1.4449 3.440 27.625 5.6877 1.348 8439 325 8764 31.53
AHgis° = —8325 £ 592 cal mol™!
95.00°¢
0.8352 2.010 3.225 0.4342 0.5062 8740 183} 8921 6 820
0.8367 2.012 3.225 0.4321 0.5070 8736 183 T
1.6756 4.030 6.450 2.7217 1.222 8651 243 8894 12.66
2.0846 5.014 6.450 2.6845 1.448 8561 260 8821 14 .53
3.1319 7.532 12.900 8.1729 2.616 8592 319 8908 29 89
3.1182 7.499 12.900 8.1311 2.606 8585 319
4.1525 9.987 32.250 15.8730 3.928 8696 423 9138 43 33
4.1634 10.013 32.250 16.0621 3.938 8734 423 '
AHgiss® = —8808 == 66¢ cal mol™?

e Calculated probable error.
sodium sulfate dissolved in water at 34.96°.

® In these measurements Ak was determined from series I of the heat of solution measurements of
For the other measurements at 34.96° series II was used (see Table I).

¢ Heat of solu-

tion measurements on this system at 95.00° were made by Dr. Eugene C. Jekel in these laboratories.

Each value of Ak, was then converted to AH,, the heat
of association in calories per mole, by dividing by the
number of moles of bisulfate formed in the reaction

AH:

Ahy/(moles of HSO,™) — AHgiss (6)
In order to determine the ionic strength of each solu-
tion and the number of moles of bisulfate ion formed,
it is first necessary to know the equilibrium constant,
K, for the dissociation reaction
HSO:™(aq) <= H*(aq) + SO£~(aq) (M
Assuming that the concentrations of the solutions are
sufficiently dilute (I ~ 0.005-0.05) so that the activity

coefficient ratios are nearly equal to 1, K° is given by
the equation

Kt = [H*]{S0.7]/[HS0,] (8

This assumption has been shown to be valid at these
concentrations by Covington, Dobson, and Wynne-
Jones,** who found that the equilibrium constant
changes by only 0.3-0.69, up to an ionic strength of
0.05. The ionic strength of each solution was com-
puted from the relationship

I/z ZCiZ‘LZ

I 9

(14) A. K. Covington, J. V. Dobson, and Lord Wynne-Jones, Trans. Fara-
day Soc., 61, 2057 (1965).
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20 40 €0 80 100 120 140
T°C

Figure 1.—AC,° (cal mol™~! deg~!) for the dissociation of
bisulfate ion as a function of temperaturc.

where ¢; is the concentration of an ion and Z; is the ionic
charge.

The dissociation constant K° has been repeatedly de-
termined at 25°, and a value of K° equal to 0.0103 =+
0.0001 has been generally accepted in the literature,}4—18
However, the values of K° at other temperatures be-
tween 0 and 100° are less well known, Since it is
necessary to know the dissociation constant accurately
at each temperature where the heats of solution were
made in order to make the thermal calculations, an
estimate was used initially for K9 at all other tem-
peratures. This made it possible to obtain preliminary
values for AHgies and the ionic strength for each ca-
lorimetric measurement. These values of AH 4iss Were
extrapolated to infinite dilution by adding the Debye—
Hiickel term to each AHgies value in order to obtain the
p function. In this case, puiss 15 given by the equa-
tion

Pdiss = AHdiss — Z(V/Q)[\Z-Q-Z_’/lﬂll/za —
AHis° — 2.303RT*(dB/dT) 2 vev I (10)

A plot was made of paies vs. ionic strength, and a least-
squares linear extrapolation to zero concentration gave
AHyiss°. The criterion that the slopes of these plots
(dp/dI) be a smooth function of temperature was also
required. In this way a preliminary value was deter-
mined for AHgiss° at each temperature where these mea-
surements were made.

The preliminary values of AHgyi:° were based upon
estimated dissociation constants at temperatures other
than 25°. In order to obtain a better set of dissocia-
tion constants a procedure was devised for generating
constants consistent with the thermal data of this re-
search and based upon the well-established dissociation
constant at 25°.

The free energy change for the dissociation of bisul-
fate ion to form hydrogen ion and sulfate ion at tem-
perature 7' can be expressed in terms of the equa-
tion

(15) T. F. Young and D. E. Irish, “Annual Review of Physical Chem-
istry,” Vol. 13, Annual Reviews, Inc., Palo Alto, Calif., 1962, p 449.

(16) H. S. Dunsmore and G. H. Nancollas, J. Phys. Chem., 68, 1579
(1964),
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T
AF°p = AF°y50x -+ f AC°dT —
208°K
T
T (AC°T) AT — AS®yegex AT (11)
208°K
If eq 11 were evaluated, new dissociation constants
could be obtained from the equation

AF°p = —RT In K° (12)

and these constants could be used to recalculate the
thermal data. Since the dissociation constant at 25°
is well known, AF°ysox was obtained from eq 12 and a
preliminary value of AS®ysex was obtained from the
second law. Theintegral terms in eq 11 were evaluated
from the preliminary values of AH® (AHg4is®) at the
several temperatures. Average values of the change
in heat capacity, AC,° ™, were obtained from the
equation

AC°|n™ = (AH®r, — AH®) /(T — 1) (13)

A value of AC,°|r,™ was obtained for each pair of
successive values of AH® and AC‘f’TITz was taken to
be equal to AC;° at a temperature halfway between
the two temperatures where the AH° values were ob-
tained.

AC,° was plotted as a function of temperature and a
smooth curve was drawn through the data points.
The integral terms in eq 11 were evaluated graphically
and new values of AF°y were used to calculate new K¢
values from eq 12. The newly generated values of K"
at each temperature were then used to recalculate the
thermal data as before and obtain still another set of
heats, heat capacities (AC,°), AF°, values, and new
dissociation constants. This iterative method of suc-
cessive approximations was repeated, altering the AC,°
5. temperature curve each time, until the dissociation
constants obtained from the resulting AC,° curve gave
the same values of AHg;s. A CDC 6500 computer was
used in these calculations. Table II gives the final
values of AHgies, paiss, and AH® and the final AC,° vs.
temperature curve is shown in Figure 1. Since the
AC,° curve levels off at higher temperatures, an exten-
sion of the curve was made up to 150° (dashed line),
which permitted the reliable estimation of the dis-
sociation constants up to this temperature.

It was possible to obtain an average third-law value
of AS°ygex based upon AS°r calculated at each tem-
perature from the second law

r
AS°r = AS®sex + f (AC,/DHydTr  (14)
208°K

A value of AS®ps0x was obtained at each temperaturc
where heats of solution measurements were made.
These results were averaged to obtain the “best” value
of AS®yesex used in eq 11, In a similar manner a “‘best”
value of AH sg0x was obtained by averaging the values
determined from the equation

-

AH®p = AH®psox + AC® dT (15)

208°K
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TABLE III
THERMODYNAMIC FUNCTIONS FOR THE DIssocIATION Process HSO;™(aq) &2 H*(aq) - SO~ (aq)
—ACp® ~ 8530
-~ AS°, —~ACR°, (smooth), — AH?®g0 (caled),
AF°:@ —AH®, cal cal cal (caled), cal
cal cal mol -t mol 1 mol -1 cal mol ~t
t, °C 103K¢ @ mol 1 mo] -1 deg 1 t{av), °C deg—t deg™t mol -1 deg -1
4.34 15.42 2301 2290 16.54 80.1 4073 22.74
9.67 80.7
15.00 12.76 2498 3150 19.60 88.1 4022 22.57
19.99 97.1
24.99 10.30 2711 4120 22.91 85.2 4120 29.91
29.97 80.4
34.96 8.060 2952 4922 25.56 78.7 4106 22.87
47.49 68.4
60.03 3.941 3666 6637 30.92 62.8 4056 29 .79
72.83 66.0
85.62 1.760 4522 8325 35.81 55.1 4258 23,929
90.31 51.5
95.00 1.304 4860 8808 37.13 53.9 4930 23.21
AH%y0(av) = —4124 4= 69 cal mol—t

ASCye(av) = —22.90 == 0.20 cal mol~! deg~1

« Based upon values in column 8 and the average value from column 10.

The smoothed thermodynamic functions are gener-
ated from the smooth AC,° vs. T curve and are to be
distinguished from the directly determined values
(such as AH°r) at each temperature. The AF°y
values obtained from eq 11 and the resulting dissocia-
tion constants are smoothed values. Table III sum-
marizes the final values of the thermodynamic prop-
erties for the dissociation of bisulfate ion.

It must be noted that all of these thermodynamic
properties are based upon one independent measure-
ment, the dissociation constant, K° at 25°. If the
value of K° at 25° varies by as much as 39, however,
it can be shown that AC,° will change by about 3 cal
mol—! deg— up to 90°.

It was necessary to make two minor assumptions
related to the chemistry which occurs when sodium
sulfate dissolves in air-saturated water. The first
concerns the fact that some sodium ions and sulfate
ions remain in the form of the NaSO,~(aq) complex.
A value for the dissociation constant of 0.198 for this
complex has been reported at 25° in the literature.”
However, there are not etough thermal data available
to obtain an accurate estimate of the heat correction
involved. Fortunately, less and less of the complex is
formed as the solutions become more dilute and the
cotrection becomes zero at infinite dilution. This
means that the extrapolation procedure for the sodium
sulfate and sodium sulfate-hydrochloric acid systems
automatically removes any effect of the complex.!®

When water is exposed to the atmosphere, a certain
amount of carbon dioxide dissolves, which forms hy-
drogen ion

COx(aq) + H:0() =5 H*(aq) + HCOs (aq)  (16)

When sodium sulfate dissolved in this water, a small
amount of the sulfate ion reacted to form bisulfate.

(17y E. C. Righellato and C. W. Davies, Trans. Faraday Soc., 26, 592
(1930).

(18) This statement has been verified by E. C. Jekel of these laboratories
by carrying out experiments similar to those reported in this research in the
presence of added NaCl: E. C. Jekel, Ph.D. Thesis, Purdue University,
June 1964,

¥ Average error.

Thermal data for the solubility of CO, and the dis-
sociation constant of carbonic acid have been reported,'®
which makes it possible to calculate the heat effect. It
was found that a correction of only about 0.6 cal mol—!
in AHg4;e° was required at 25°; a similar calculation at
95° gave a value of about 10 cal mol—'. The effect is
small enough to ignore.

Discussion

A large portion of the previous work done on the
bisulfate dissociation reaction has been confined to 25°
and was reviewed in 1962 by Young and Irish.’® They
examined the values of K° at 25° determined by
several different methods,®1920-2 including conduc-
tance, emf, solubility, and spectroscopic measurements.
The values of K° ranged from 0.01016 to 0.0106 with a
deviation from the average value of less than 19.
Young and Irish proposed a value for K° of 0.0103 and
this value formed the basis for the thermodynamic
determinations in this work.

The values of AHuiss® at 25° reported in this survey
are more scattered.®10.20.22.24—26 The range is from
—4.9 to —5.6 kcal mol~!. In this case Young and
Irish decided upon a ‘“best” value of —5.21 =+ 0.12
kcal mol=! at 25°. This value is not in agreement
with the value of —4120 == 110 cal mol~! and the third-
law value of —4124 + 69 cal mol~! obtained in this
research at 25°. In more recent work Marshall and
Jones'! obtained a value of —3850 cal mol~! from

(19) H. S. Harned and B. B, Owen, “The Physical Chemistry of Electro-
lytic Solutions,” 3rd ed, Reinhold Publishing Corp., New York, N. Y., 1958,
p 693.

(20) C. W. Davies, H. W. Jones, and C. B. Monk, Trans. Faraday Soc.,
48, 921 (1952).

(21) W. J. Hamer, J. Am. Chem. Soc., 56, 860 (1934),

(22) V. 8. K. Nair and G. H. Nancollas, J. Chem. Soc., 4144 (1958).

(28) T.F. Young, L. F. Maranville, and H. M. Smith, ‘““The Structure of
Electrolytic Solutions,” John Wiley & Sons, Inc., New York, N. Y., 1959, p
35,

(24) A. A. Noyes, “The Electrical Conductivity of Aqueous Solutions,’’
Publication No. 63, The Carnegie Institution of Washington, Washington,
D. C., 19807,

(25) K. 8. Pitzer, J. Am. Chem. Soc., 59, 2365 (1937).

(28) E. Lange, J. Monheim, and A. L. Robinson, fbid., 88, 4733 (1933).
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Figure 2.—pK?® vs. 1/T°K for the dissociation of hisulfate: —,
present calorimetric data; A, Marshall and Jones;!! @, Lietzke,
Stoughton, and Young;® --O, Young, Klotz, and Singleterry;®
A, Davies, Jones, and Monk;?* -+ Ryzhenko.3!

solubility measurements of calcium sulfate in sulfuric
acid over an extended range of temperatures (25-350°)
and Jekel” obtained a preliminary value of —4000
cal mol~! from calorimetric measurements made in
these laboratories.

Much of the early work on this system was done by
obtaining values of the equilibrium constant at
several temperature intervals around 25° and deter-
mining AHai® at 25° from AFqis® at 25° and the
temperature derivative of AFg4is”. The problems of
calculating heats from the temperature coefficients of
free energy meastrements have been discussed else-
where and these values are subject to larger errors.®
The most recent evidence, therefore, would seem to in-
dicate a more positive value of AH4;s° than that pro-
posed by Young and Irish.

By extending the smooth AC,° curve in Figure 1
to 150°, it was possible to obtain K°® up to this tem-
perature (Table IV). These results are compared with
those obtained by others®~!'? on the dissociation pro-
cess between 0 and 150° (Figure 2). Marshall and
Jones't and Lietzke, Stoughton, and Young!® have
made determinations of the equilibrium constants up
to 150° (and higher). The agreement with the pres-
ent results is satisfactory. The data of Young, Klotz,
and Singleterry® on the dissociation constants were
extended?® to 150°, using conductance data determined
by Noyes?* and fitted by Young to an empirical equa-
tion (dashed line). Their values of pK° vary pro-
gressively more from the other results as the tem-

(27) E. C. Jekel, Ph.D. Thesis, Purdue University, June 1964.

(28) G. N. Lewis and M, Randall, “Thermodynamics,” 2nd ed, revised

by K. S. Pitzer and L. Brewer, McGraw-Hill Book Co., Inc., New York,
N. V., 1961, p 178.

Inorganic Chemistry

6000

o
Q
Q
o

AF-T(ACS , T) cal. mole™!
D

2
8

20 40 €0 80 100 120 140

Figure 3. —AF° — I'(AG°,T) for the dissociation of bisulfate as
a function of temperature: —, required calorimetric slope (AS =
—22.90 cal mol~! deg™1); O, Young, Klotz, and Singleterry;? A,
Marshall and Jones;!! @, Lietzke, Stoughton, and Young.

TABLE IV
THIRD-LAW VALUES oF K¢ THE DISSOCIATION
CONSTANT FOR BISULFURIC AcCID®

Temp, Temp, Temp,

°C Ko °C Ko °C Ko

0 (0.0186) 50 0.00529 110 (0.000808)
10 0.0140 60 0.00394 120 (0.000583)
20 0.0114 70 0.00290 130 (0.000415)
25¢ 0.0103 80 0.00213 140 (0.000297)
30 0.00912 90 0.00152 150 (0.000218)
40 0.00705 100 (0.00111)

¢ Based on an entropy of dissociation, AS®;ze = —22.90 cal

deg~! mol™? (see text). ? Quantities in parentheses are obtained
from extrapolations made to temperatures beyond the experi-
mental data. ¢ The value of K° at 25° was fixed at 0.0103.

perature increases. It can be seen that all values of
pK° tend toward the same point at 25°,

The third-law method, which has been used pre-
viously to analyze results on cell potential measure-
ments,?* 3! can be used to examine the data on the dis-
sociation constants for bisulfate ion. Equation 11 is
rearranged to give

AF°p — T(AG®,T) = AF%gex — AS®s0xAT (17)

where

{ACGS,T) = f

208°K

T T

AC,° dT — Tf (AC,°/T)dT
208°K

(18)

A plotcan be made of AF°, — T(AC,°,T) vs. T. The
third-law analysis requires that all of the points lie on
a straight line with a slope equal to —AS®y0x. The
equilibrium constants of Young, Klotz, and Single-
terry,® Marshall and Jones,!! and Lietzke, Stoughton,
and Young!® have been converted to free energies and
['(AC,°,T) has been evaluated from the smooth AC,°
values of thisresearch. Table V summarizes the results
of these calculations and Figure 3 is the third-law plot
of AF°y — T(AC,°,T) vs. temperature. The line in

(29) J. C. Ahluwahlia and J. W. Cobble, J. Am. Chem. Soc., 88, 5381
aggé; W. L. Gardner, R, E, Mitchell, and J. W. Cobble, J. Phys. Chem., 78,

2021 (1969).
(31) B. N. Ryzhenko, Geokhimiya, 1, 23 (1964).
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TaBLE V
THIRD-LAW ANALYSIS OF PREVIOUS VALUES FOR THE DissocIATION CONSTANT OF BISULFATE Ion

AF°,

Temp, °C Source Ko cal mol ~!
5 YKSe 0.0185 2205
15 YKS 0.0139 2448
25 YKS 0.0104 2705
MJ? 0.0103 2711
LSYe 0.0129 2580
30 M]J 0.00942 2810
35 YKS 0.0077 2980
40 MJ 0.00725 3066
45 YKS 0.00565 3273
MJ 0.00666 3168
50 MJ 0.00531 3364
LSY 0.00423 3510
55 YKS 0.00413 3580
60 MJ 0.00432 3604
75 LSY 0.00200 4300
100 LSY 0.000977 5139
125 MJ 0.000707 5740
LSY 0.000463 6074
150 MJ 0.000275 6894
LSY 0.000205 7141

¢ Data of Young, Klotz, and Singleterry.?

TaBLE VI

SMoOoTHED HEAT CAPACITY DATA FOR
SoDIUM BISULFATE AND BISULFURIC ACID?

C’p,°
ép2°(NaHS04), ACpyses°s C_’99°(H-H-SO4).I’ (H-HSO4),
Temp cal mol 1 cal mol—1 cal mol—! cal mol —1
°C deg™! deg 1 deg™1 deg 1
0 (—88.5) (—72.2) (—176.4) (—104.2)
10 —-0.1 —86.3 —91.5 5.2
20 22.5 —87.6 —75.5 12.1
25 26.6 —85.2 —70.6 14.6
30 27.9 —82.0 —67.1 14.9
40 26.7 —75.3 —63.3 12.0
50 23.0 —68.7 —61.3 7.4
60 18.6 —62.8 —60.8 2.0
70 13.4 —58.6 —63.3 —4.7
80 6.8 —56.1 —69.5 —13.4
90 —3.2 —54.4 —80.6 —26.2
100 (—16.4) (—53.4) (—96.8) (—43.4)
110 (=52.7)
120 (—52.3)
130 (—52.0)
140 (—51.8)
150 (—51.7)

¢ Quantities in parentheses are obtained from extrapolations
made to temperatures beyond the experimental data. °® The
heat capacities of aqueous sulfuric acid are from ref 8.

Figure 3 represents the theoretical calorimetric slope
obtained from this research with AS®sex = —22.90
= 0.20 cal mol~! deg=*. All three sets of data are
fairly linear except that the point of 25° from the data
of Lietzke, Stoughton, and Young® lies below the line
formed from their other points. This latter slope,
however, agrees better with the theoretical slope than
the slopes of the other two sets of data. All of the
equilibrium data in Figure 3 were treated by the
method of least squares to obtain a slope giving AS®sssox
= —22.61 cal mol—" deg—!, which is in good agreement
with the third-law value, —22.90 £+ 0.20 cal mol™!
deg—1.

We believe that the values of K° given in Table IV
represent the best available constants at present; they

T e
fT ACp® dT, a0sek (47
208°K

¢ Data of Marshall and Jones.

T)ydrT, T'(ACR°, 1), AF° — TD(ACp°.T),

cal mol ! cal mol 1t cal mol ~t cal mol 1
1722 — 1664 58 2147
872 — 856 16 2432
0 0 0 2705
0 0 0 2711
0 0 0 2580
—412 415 3 2807
—815 828 13 2967
~1199 1229 30 3036
~1515 1616 51 3222
—1515 1616 51 3117
~—1921 2000 79 3285
~-1921 2000 79 3431
—2258 2371 113 3467
—2581 2734 153 3451
—3468 3753 285 4015
—4845 5463 618 4521
—6160 7186 1026 4714
—6160 7186 1026 5048
—7456 8973 1517 5377
—7456 8973 1517 5624

¢ Data of Lietzke, Stoughton, and Young.10

40
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0 NaHS044
© -0 H-HSO4
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Figure 4.—The partial molal heat capacities of sodium bisul-
fate and bisulfuric acid as a function of temperature.

are consistent both with the most extensive thermal
data and the directly determined equilibrium constants
over extended temperatures.

Partial Molal Heat Capacities of Bisulfuric
Acid and Sodium Bisulfate

Having obtained the thermodynamic properties for
the dissociation of aqueous bisulfate ion at temperatures
between 0 and 100°, the partial molal heat capacities
of bisulfuric acid and sodium bisulfate were also calcu-
lated over this temperature range. Values of AC,°(2)
were obtained at each temperature from the AC,° vs.
¢ curve (Figure 1) and the heat capacities of sulfuric
acid were obtained from the values of C,°u.#u.so, deter-
mined recently in these laboratories.® By subtracting
values of AC,°(¢) from C,°u.xu.so, at regular tempera-
ture intervals, smooth values of the heat capacity for
aqueous bisulfuric acid were obtained from 0 to 100°.
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derive similar functions for the bisulfate ion from eq 7
and the data of Tables III, IV, and VI. The revised
values for the standard heat and free energy of forma-
tion at 25° are —213.20 and —180.68 kcal mol™!, re-
spectively. The standard entropy and heat capacity
19y  at 25% are 27.7 and 14.6 cal mol~! deg™, respectively.
The heat of formation and entropy are considerably
different from the previously accepted values,®' but, as
discussed, the previous values were based on much less
extensive data than in the present analysis.

Heat capacity data for aqueous sodium bisulfate
were also calculated as a function of temperature from
the heat capacity of aqueous bisulfuric acid and the
difference in the heat capacity of aqueous sodium ion
and aqueous hydrogen ion®

Coonamsodt) = Co®r-msoy(8) + Cplras (8) — Cp®ms ()
These data are summarized in Table VI and Figure 4,

The Thermodynamic Functions of the
Bisulfate Ion
Since the thermodynamic functions of the aqueous

. . i s . Acknowl] — th i .
sulfate ion are well established,?? it is now possible to cknowledgment.—The aythors are indebted to Dr

Eugene C. Jekel for his determination of the heats of
solution of sodium sulfate in aqueous hydrochloric acid
solutions at 95.00°.

(32) D. D. Wagman, W. H. Evans, V. B. Parker, I. Halow, S. M. Bailey,
and R. H. Schumm, National Bureau of Standards Technical Note 270-3,
U. S. Government Printing Office, Washington, D. C., Jan 1988.

CONTRIBUTION FROM THE DEPARTMENT OF CHEMISTRY AND MATERIALS RESEARCH CENTER,
NORTHWESTERN UNIVERSITY, EvAansTON, [LLINOIS 60201

Nature of the Donor-Acceptor Bond in Acetonitrile~-Boron
Trihalides. The Structures of the Boron Trifluoride and
Boron Trichloride Complexes of Acetonitrile

By BASIL SWANSON,! D. F. SHRIVER,? anpD JAMES A. IBERS
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The crystal and molecular structure of the boron trichloride complex of acetonitrile has been determined and that of the boron
trifluoride complex redetermined. Least-squares refinement of three-dimensional X-ray data led to a conventional R factor
on F of 3.99 for the BCl; complex (441 nonzero reflections) and 5.6, for the BF; complex (382 nonzero reflections). Both
complexes crystallize in the space group Dgp’-Pnma of the orthorhombic system with four molecules in unit cells of dimensions
a =867 (1),b=7.32(1), and ¢ = 10.19 (1) A for CLlBNCCH; and ¢ = 7.784 (8),5 = 7.177 (3), and ¢ = 8.360 (3) A for
F;:BNCCH;. The calculated densities of 1.65 g/cm3 for CIbBNCCH; and 1.55 g/cm? for F;BNCCHj are in reasonable agree-
ment with previously measured densities of 1.60 and 1.59 g/cm?, respectively. The molecules are required to have symmetry
m. The configuration ahout the boron in each complex is nearly tetrahedral. The B-N bond length in the BCl; complex
(1.562 (8) A) is significantly shorter than the B-N bond length in the BF; complex (1.630 (4) A). The X;~B-N and X,~B-N
bond angles are, respectively, 105.3 (3) and 105.8 (2)° where X = F and 106.9 (3) and 106.7 (4)° where X = Cl. These
results are rationalized in terms of a model for donor-boron halide interaction in which the acceptor strength of a boron
halide increases with increasing distortion of the BXj group. This model also is consistent with thermochemical and spec-
troscopic data on horon halide complexes.

donor, D, is thought to be dominated by AH; in the
thermochemical cycle

Introduction
The enthalpy for the reaction of boron halides with
Lewis bases is in the order BF; > BCl; > BBr; (Z.e.,

AH;
the BF; reaction is the least exothermic).? This is the BXs(g) + D(g) —> X:BD(g)

. . idal
reverse of the order expected from consideration of the pyrajuda
inductive effects of the halogens, and the explanation AHL| AHe AH: AH
generally offered is that inductive effects are less im- ]Sg;;gr) + D) — X:BD(s or soln)

portant than the energy necessary to reorganize the
planar free boron halide to the pyramidal form required
for complex formation.®4 That is, the relative order
of AHj; for a series of boron halides with one reference

where X = F, Cl, or Br. If published estimates of
AH, are employed* and AH, is assumed to be constant
for the series of boron halides with one donor, then one
finds that the heat of donor—acceptor bond formation,
AH;, follows the trend expected from electronega-

(1) NDEA Fellow, 1968,

(2) Alfred P. Sloan Fellow, 1967-1969.

(3) This order has been found for: (a) acetonitrile: A. W. Laubengayer
and D. S. Sears, J. Am. Chem. Soc., 67, 164 (1945); J. M. Miller and M.
Onyszchuk, Can. J. Chem., 43, 1873 (1965); (b) nitrobenzene and pyridine:
H. C. Brown and R. R. Holmes, J. Am. Chem. Soc., T8, 2173 (1956).

(4) F. A. Cotton and J. R. Leto, J. Chem. Phys., 30, 993 (1959), and refer-
ences therein.

tivities. That is, the calculated B-N bond strength
decreases from the BF; through the BBr; complexes,

In addition to the thermochemical work, many
spectroscopic studies have been performed on boron
halide complexes. These include studies of the



