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A number of years ago one of the authors published recalculations of
the ionization constants of some weak acids, using the most accurate
data then available.! In these computations, allowance was made for
effects due to interionic attractions, These attractions are functions of
the ion concentrations and are made evident by their effects on the ion
activities and on the ion mobilities,

In the paper mentioned the law of mass action for the ionization of a
weak acid was expressed as follows

a?Yg+Yas- C
K== ™
in which K is the ionization constant, « is the degree of dissociation, C
is the total concentration and Y+ Ya-and Yy, are the activity coefficients
of the hydrogen ion, -the anion and the undissociated acid, respectively.?

The effect of interionic attractions on the activity coefficientg of jons
has been dealt with in the well-known papers of Debye and Hiickel. The
computation of the degree of dissociation, «, from conductance meastire-
ments is influenced by interionic forces in that it'is necessary to take ac-
count of the effect of such forces on the mobilities of the ions. According
to the Arrhenius theory, the degree of dissociation o = A./A, in which A,
is the equivalent conductance at the concentration C and A, is the equiva-
lent conductance at infinite dilution. This theory involves the assump-
tion that the jon mobilities do not change with the concentration. To
show this let U+, U.~, Up* and U,~ be the mobilities of the positive
and negative ions at the concentration C and at infinite dilution. Since

Ao = aF(U,* +‘lUc_) (2)
and ,
Ao = F(Us* 4 U,-) : 3)
(e = 1 in the latter case) then
l Av - ‘!F(Uo+ =+ Un—) v ' (4)
Ap F(U 4+ T ‘
Thus, A./Ay = a only if Ut + U~ = U+ + U,~. This can be true
only if the mobilities do not change, or by an improbable compensation.
! MacInnes, Tais JoURNAL, 48, 2068 (1926).
? Sherrill and Noyes, £bid., 48, 1861 (1926), obtained this equation independently

and tested it with data on the ionization of the second hydrogen from dibasic acids.
See also Davies, J. Phys. Chem., 29, 977 (1925). )
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PEP}’C and Hiickel® and more recently Onsager! have shown that chane
in ion mobiliti'es with concentration are to be expected, on theoretiij
glrmfnds, e:.ven 1n very dilute jon solutions, Transference, .data give con-
grtixgsillx]r:] ezﬁle]ncé that such Fhanges occur at higher concentrations. The
ot Concenitll-;tgoz.ssumptlon, 1. &, a = A./A,, is therefore inaccurate
o lti“,}(l]::}t;;); Sii ;Ea% (t;f:+used tci compite degrees of dissociation if values
A s thaFrossion (U.* + U,7), thc.h we will call A,, are known. Since
t}:e ’ " uc ance of a mole of acid, the proportion & of which is in
orm o fons, A, is evidently the conductance of a mole of jous in
condition in which 'their mobilities retain the valies they have at th:
zion(:entratlon C.. er.lce we have good evidence that strong electrolytes
bre cont.lpletely dissociated, at least in dilute solution, values of A may
. ; reagiﬂy found from the following considerations.. Let N. aAc r'ep;esent
€ so um ‘salt of the weak acid (acetic acid for instance) whose d
of dissociation is desired, then e
) ) Aegae = Aoy — Advac T Aoy,
in v.vhlch the A, values are the equivalent conductances of the substan
indicated .'itt .the ion concentration C’. For completely dissociated SEES
st;nces _this lon concentration is also the stoichiometric concentration-
(vivi ereas A, is th(? equivalent conductance of a mole of completel);
ssoc.xated acetic acid at the son concentration (. Thus for the com-
l;)):t?tlm(ni of jche degree of dissociation o = Ac/A, a value of A, must
- :Vlmk wl?lch corresponds to the .ion concentration of the solution of
eak acid whose measured equivalent conductance is A.. ‘This in-
volves a short series of approximations. In the previous p:::per1 it wa
shown that for relatively strong acids, such as o-nitrobenzoic acid and :
chlorob-enzoic acid, with jonization constants 6.0 X 103 and 1.2 X 10-3
respectively, 'true constants for EQuation 1 were obtained over. the ran t;
of conc?ntratlons for which data were available. It was, however rathger
disturbing to find that the data for the relatively Weak’acetic acid indi
.cated a definite trend (from 1.74 X 10-5 to 1.78 X 107%) of the “constantt:
in th.e concentration range 0.07 to 0.002 mole per liter. We felt that it
was nnport-ant to find out whether this drift in the ionization constant
was due to tnaccuracy of the data available or to the assumptions involved
in (:he computation. In addition, an accurate value of the jomization
constant of acetic acid is desirable in other connections. It was decided
therefore .t(_)_ obtain, with all possible accuracy, data on the conductance
of : ;Ehe acid, a‘md of the other substances (sodium chloride, hydrochloric
:(():111 st:;lt(:ioiot(::it;rzczic.etate) mvolved in the calculation of the ionization
. : Debye a.uf:l .Hﬁckel. Physik. Z., 24, 305 (1923).
Onsager, ibid., 27, 388 (1926); 28, 277 (1927).
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Experimental
The conductances were determined with the bridge® and cells described in a paper

. from this Laboratory.® The data on sodium chloride and hydrochloric acid used in

the computations are also reported in the latter paper. The basis for the conductivity
values is that a solution containing 7.47896 g. of potassiium chloride in 1000 g. of water
(welghts in air vs. brass) has a specific conductance of 0.012852; at 25°.

(a) Solutions of Acetic Acid..—C. P. synthetic acetic acid (Niacet Co., U, S. P.)
was purified by distilling the material from 29, by weight of potassium permanganate,
using an efficient fractionating column.” The product was again distilled from a little
chromic anhydride. This was followed by a final fractional distillation. Freezing
point measurements were made on the separate fractions. After the first quarter of
the material was distilled, later fractions, which were kept for use, gave constant freezing
points. ‘The purified acid had a freezing point of 16.54° on a thermometer which had
been compared with a carefully calibrated platinum resistance thermometer. The
specific conductance of the pure acid at 25° was 1.4 X 1078 mhos.

We are indebted to Dr. L. G. Longsworth, of this Laboratory, for a very careful
analysis of this acid by the differential potentiometric method recently described.?
A solution of approximately 0.2 N sodium hydroxide used in the titration was cali-
brated to an accuracy of better than 0.019, against pure benzoic acid from the Bureau
of Standards. This solution, which was nearly carbonate free, was kept in large paraffin-
lined flasks which were connected with a carbon dioxide absorbing train. By titration
of a stock solution, and of small samples of the acid weighed on a micro balance, the
purified material was found to be 100.04 == 0.019, acetic acid. An interesting check
on this figure was obtained from the freezing point. Using the cryoscaopic constant
obtained from De Visser’s data® and taking Bousfield and Lowry’s? value of 16.60 =
0.005° for the freezing point of the pure acid and the freezing point for our acid given
above, the value obtained for the strength of the acid is 100.0379%, if it is assumed that
the freezing point lowering is due to a trace of acetic anhydride.

To prepare the most dilute solutions it was not possible to weigh out small quanti-
ties of the glacial acid with sufficient accuracy. It was, therefore, necessary to prepare
stock solutions. of about 0.1 N concentration, weighed increments of which were suc-

" cessively added to the conductivity water in the cell. A difficulty was encountered in

dealing with these acetic acid stock solutions. On making titrations on successive
days it was found that the acid was growing weaker at the rate of about 0.019 per
day. This was not due to attack on the glass wall of the container as a solution of
hydrochloric acid showed no such decrease. The effect was finally found to be due to
growth of organisms, probably bacteria, in the acetic acid solution. It was overcome,
with the kind help of Dr. Alexis Carrel and assistants, by the use of the following sterile
technique. ' ’

A solution of approximately the concentration desired was made from the pure
acid and conductivity water, and was sealed in a half-filled round-bottomed Pyrex
flask. This flask was placed in an autoclave at about 15 pounds’ steam pressure for
killed. The flask was then opened and the solution was transferred to the flask shown
in Fig. 1. This flask had also been sterilized. The transfer took place in a chamber

§ Shedlovsky, THIS JOURNAL, 52, 1793 (1930).

¢ Shedlovsky, ibid., 54, 1411 (1932).

7 Bousfield and Lowry, J. Chem. Soc., 99, 1432 (1911). -

8 MacInnes and Cowperthwaite, THis JOURNAL, 53, 555 (1931).
? De Visser, Rec. trav. chim., 12, 101 (1893). : S
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which had be?n sprayed free of dust. The flask is similar to that described by MacInnes
and Dolel? Ynth the addition of a close-grained alundum filter, F. With this arrange-
t1:1e11t t.he acld' Cafl be forced out by a pressure of gas without fear of contamination by
acteria. Acid, in this flask, kept its concentration to within #0.019%, for a month.
- gl;e ltliata on the conductance of acetic acid are given in Coiumns 1 and 3 of Table
. t ese data the measurements of solutions having concentrations below 0.01 N
were m‘ade In the quartz flask cell® with 4 cell constant of 0.58895. Above thaé con-
f:eutratlon the measurements at round values were made in pipet cells,® and the oth
i1 a Pyrex flask cell with a cell constant of 8.2183. » ' -
read_gb)b Solutions of Sodxum.Acetate.—The solutions of dilute sodium acetate cannot
1ly be prepared to the desired accuracy in the concentrations by weighing out the
dry s.alt or The trihydrate, since neither of these compounds ca';l be obtained with
sufficient stoichiometric purity. Also it is necessary to control the hydrolysis of the
salt, The following procedure was therefore
adopted. Sodium bicarbonate, which can be
readily obtained free from the potassium salt
and other impurities, was heated in an electric
furnace at about 280° to vield sodium carbon-
‘ate. A stock solution of this material (about
0.1 N) was prepared and was titrated electro-
metrically against standard hydrochloric acid,
with an accuracy of about 0.01 %- - To prepare
a solution of sodium acetate from this material,
about 1 g. of the glacial acetic acid was weighed
out into a quartz ampoule on a micro balance.
The necessary amount of the sodium carbonate
solution to nearly but not quite neutralize the
acid was weighed out into a weighed glass-
3 stoppered flask and the ampoule was dropped
Fig. 1. iI;tO it. The excess of acid was several tenths
ol a per cent. This flask was the
. heaiied to drive off carbon dioxide, which was evolved with practically no tsprz;arejfltlg
cooling, the flask was again weighed. The concentration of sodium acetate was com-
put?d from the known quantity of sodium present. Dilute solutions were prepared by
adding sm'all.weighed amounts of this stock solution to conductivity water in the cell,
) A stoichiometric solution of sodium acetate has the disadvantages that it is con-
sx.dex:ably 'hydrolyzed and its conductivity is therefore very sensitive to traces of carbon
d10x1de', since these would react with the liberated hydroxide. The sodium acetate in
a s?lut'lon containing a slight excess of acetic acid is, however, not hydrolyzed ‘and the
tonization of carbonic acid is repressed. The solution is, in fact, buffered against these
eﬂ'ects.‘ On the other hand, the conductivity of the solutions thus prepared must be
corrected for the conductance due to the very slight jonization of the excess acid. This
forms a part of the total solvent correction, which includes the conductivity of pure
water in the given solution, and a further correction for conductivity due to a trace of
ne.utrzfl salt if the water had been stored in a Vitreosil container. From P deter-
mmaf.lons on the solutions the hydrogen-ion concentration may be computed with
sufficient accuracy. This figure and the jon product (H*)(OH") = K, of water gives
thfz hydroxyl-ion concentration Since in these measurements the solution was slightly
acid, the dil.faence between the hydrogen and hydroxyl concentrations must be balanced
by acetate-ion concentration in excess of that arising from the sodium acetate. The

10 Maclfines and. Dole, Twais Journar, 51, 1124 (1929).
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magnitude of the correction for the trace of salt was arrived at as follows. The con-
ductivity water from the Vitreosil container also contains a trace of carbonic acid.
This was shown in two ways. In the first place, by blowing nitrogen, carefully freed
from carbon dioxide, through the water in the conductivity cell the conductance slowly
dropped from 3 or 4 X 1077 to a minimum of abont 1.5 to 2 X 10-7. Furthermore,
when brom thymol blue, isohydric to Pr 7, was added to a fresh sample of water the
color corresponded to about Pu 6.5. However, after the purified nitrogen had been
run through the water for about an hour, the color changed to that of Pu 7, and con-
tinued passage of gas produced no change. It was thus concluded that the current
of gas removed the last traces of carbonic acid and that the minimum conductance
measured was due to the pure water plus a minute amount of neutral salt. Since the
conductance of pure water at 25° is 0.55 X 107, that due to the trace of salt can be
found by subtracting this value from the minimum conductance obtained as described
above.!! The complete solvent correction which was applied to the conductivity
measurements of the solutions of sodium acetate was a sum of the neutral salt correc-
tion to which were added the conductances of hydrogen, hydroxyl and excess acetate
ions computed as already described.!? The Pu value used in these computations was
that of the final solution after the concentration had been built up to about 0.005 N
by successive additions of the stock solution. This P was assumed to be constant
throughout the measurements since the mixture is a buffer. Also the 0.005 N solu-
tion had very nearly the same PH as the stock solution, typical values being Pu = 6.60
and PH = 6.72, respectively. The PH measurements were made electrometrically in
the usual Clark apparatus, by Mr. Donald Belcher. :

The conductance data on sodium acetate at 25° are given in Table I,

which also includes a comparison of the observed values with those ob-
tained from the equation

Anaso = 90.97 — 80.48 /C + 90C(1 — 0.2274 v/C) (5)
v TanLg 1
EQuIvALENT CONDUCTANCES OF SODIUM ACETATE SOLUTIONS AT 25°
C X 10% A obs. A cal. C X 104 A obs, A cal,
0.99051 90.11 90.17 17.463 87.74 87.76
1.8627 89.92 89.90 20.683 87.52 87.45
5.9058 88.96 89.07 27.973 86.96 86.96
7.8205 88.90 88.86 - 31.332 86.75 86.74
7.6201 88.76 88.82 39.725 86.28 86.25
14.237 88.03 88.06 41.243 86.16 86.17
15.256 87.95 87.96 .43.016 86.07 86.08

1 The water used in the measurement of the acetic acid solutions was collected
directly into the transparent quartz cell. This water had an initial conductivity 1 to
2 X 1077 lower than the water which had been stored in the Vitreosil container. It
has been assumed, therefore, that the salt came from the latter container, and conse-
quently no salt correction was required in the case of the acetic acid measurements.

12 The formula for the total water correction, L, for dilute solutions of sodium ace-
tate prepared as described above is :

L = (Lg -+ 0.350 Ca+ 4 0.196 Con— + 0.041 Cpo-)
in which L is the total correction to the measured specific conductance, Cg+ is the hy-
drogen-ion concentration = 10~FH, Cog~ = 10~/Cg+, and Cie~ = Cg+ — Com-.
Lg is the conductance due to neutral salt. The coefficients of the concentration terms
are the limiting conductances of the ions times 10-3,



1434 DiynCA
UNCAN 4. MaCINNES AND THEODORE SHEDLOVSKY "Vol. 54

This equatioy is Of the same form

as t . .
ance of hydrogtiorie & o me o s those used in expressing the conduct-

um chloride solutions.®

Discussion of Results

As stated i i :
Iy owr latroduction, the degree of dissociation, «, is obtained

from the ratj
o Ac/A, or, possibl i
. i e OF, Yy more convenient for com i
lon concentratjion C, = aC may be found fro . Putatxon? the

1000 L

G =2 | ®

in which T i i
the fon o ({;1 i the tS.PQCI.ﬁc conductance of a solution and 4, depends upon
Wtration in the solution. Values of A, (the conductance of

completely diygociateq i i oncentration
: y acet i i i
: ) i ic acid) as a function of the jon o i

Ae = 3 ‘
ny, = 390.59 — 14861 /G, + 165.5 G (1 — 02274 /C) )]
which was in tyem ohtained from the equation

. e Ae = Aua — Agacr -+ ANasc (8
he] =z
TR b = 426,04 — 15670 /T + 1655 € (1 — 0.2974 V),

A al = 126. -~

cgm(;anying :2 . ?.53 VC + 895 C (1 — 0.2274 V/C) from the ac-

of this commllap'eati y Shedl'ovsky6 and Ay,a. is given by Equation 5
nication,  This, of course, involves the assumption that

Kohlrausch’s 1 w of |
: aw O ind i i i i
trations fnvolyey hatependent lon migration holds at the ion concen-

will be shown, from pe
from this Labgpgtory,

To find i
. Se;;ailéeﬂ;;fe corresponding to an jon concentration G, involved
the limiting v of (;xm?gtlons. A .ﬁrst approximation was made with
concontrate Qu:alua‘ g i e, Ay giving G = 1000 L/A,; from this jon
mate of G way (fon of A, was found from Equation 7. A new esti-
did 1ot change s ey :llsde, followed by another of 4,, until repetition
From the resulting val;l esU:tilrli)(;stI;;e: aritl;::sr(:;imations were sufficient.

- a?C . G?
i ==~w=g ©

were obtai iven i
ere obtained. These are given in Column 5 of Table I1. It will be re-

called that K’ iy m, i
. the mggg “ ’ i
tivity coefficie o action “constant” uncorrected for changes in ac-

From Equatiyy 1 it '
m s
constant K is npgted o aI)élbte)yseen that the thermodynamic ionization

‘K=K"'Y_'2

T (10)
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TasLe IT
EQUIVALENT CONDUCTANCES AND ToN1ZATION CONSTANT VALUES OF ACETIC AcID AT 25°
Total Ton
concn. <onc.
C X 10 €y X 104 Ae Ao K’ X 10 K X 108
0.028014 0.15107 390.02 210.32 1.7682 1.7522
.11135 .36491 389.68 "127.71 1.7787 1.753%
.15321 . 44049 389.61 112.02 1.7778 1.7502
21844 .54101 389.49 96.466 1.7810 1.7507
1.02831 - » 1.2727 388.94 48133 1.7974 1.7508
1.36340 1.4803 388.81 42.215 1.803° 1.752¢
2.41400 2.0012 388.52 32.208 1.809° 1.7503
3.44065 2.4092 388.32 27.191 1.8140 1.749¢
5.91153 3.1929 387.99 20.956 1.823° 1.7487
9.8421 v 4.1557 387.61 16.367 1.832° 1.746°
12.829 4.7591 387.41 14.371 1.834 1.743
20.000 .- 5.975 387.05 11.563 1.840 1.738
50.000 9.524 386.19 7.356 1.849 1.721
52.303 9.7542 386.07 7.200 1.854 1.723
100.000 . 13.496 385.29 5.200 1.846 1.695
119.447 14.763 385.07 4.759 1.847 1.689
200.000 18.992 384.41 3.650 1.821 1.645
230.785 20.371 384.15 3.391 1.814 - 1.633

in which 7; is the mean activity coefficient of the ions and v, that of the
undissociated acid. Thus ’ :

. log K = log K’ + 2 log 7; — log Y4 (11)
However, from the Debye-Hiickel theory in its limiting form
= 1log 1 = 0.5065 VG (12)
and also in the limit ¥, = 1. Thus
log K = log K’ — 1.013 VG (13)

This limiting equation accounts with surprising accuracy for the measure-
ments at the five or six lowest concentrations, as is shown in Fig. 2, in
which the logarithms of K’ are plotted against the square roots of the
corresponding ion concentrations. In this plot the solid line ¢ has the
theoretical slope 1.013 of Equation 13. The excellent agreement between
the theory and the experimental results for the more dilute solutions is
also shown in Column 6 of Table II, in which the values of the thermody-
namic constant K computed from Equation 13 are listed. For the lower
range of concentrations these vary but slightly from a mean of 1.7562 X
10753 Above an acid concentration of about 0.01 N the computed values
of the ionization constant decrease.

There are a number of reasons why this should be the case. In the
first place we have used the limiting form of the Debye-Hiickel equation

13 In our recent *“Letter to the Editor,” Tms JoUurNAL, 53, 2419 (1931), the slightly
lower values of K resulted from calculations made before our complete data on the
conductivity of hydrochloric acid were available,
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for comPuting the activity coefficients of the ions. If account is taken
of the size of the ions, instead of Equation 13 we have 4

— log v = 0.5065 —\“——‘\/Z‘ — (14)
1+ 0327 a/C
(Wl‘lere a is the distance of closest approach of ions in Angstrom units),
This equation is valid for the ion concentrations involved in our compu-
tations if a is greater than 3 A In the second place the assumption that
the activity coefficient of the undissociated acid Yy is unity is true only
fi,t sufficiently low concentrations. The correction for this deviation
Is relatively small. It can be evaluated, however, from freezing point

T B Z
4 B
%
0'270%__\_““%EA_ ° e .
2 :
4 - ‘
0.205——t 1 1+ k|- S |
g 4 - A N
2 : % N
'z
X0260—vo .| | A N
\M (] \I
3:" 0.255 ] SN T —
+
0.250 %%ML\M |
0.245 74—‘%—\

0 0.5 1.0 15 20 2.5 30 35 40 4.5
100 v/Ton concentration.
Fig. 2.—@, MacInnes and Shedlovsky; +-, Kendall.

measurements, as has been shown by Lewis and Randall.!s Although
both‘of these effects are in the right direction, they are not nearly large
enough to account for the observed deviations. This is shown in Fig. 2
where the broken line ¢’ represents the variation of K’ which would be
expected if the activity coefficients were modified to allow for the two fore-
going effects. In this calculation it has been assumed that a is of the order
of 4 Angstrom units, as can be roughly estimated from crystal structure
data. It will be observed that the effects of ion size and activity coef-

" Gronwall, La Mer and Sandved, Physik. Z., 29, 358 (1928), give a further exten-

.sion of the theory which must be used for small ions or higher valences.

081 ‘2‘9 I6ewis and Randall, “Thermodynamics,” McGraw-Hill Book Co., 1923, pp.
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ficients of the undissociated material are not sufficient to account for the
variation of K’ observed.

In computing K it has been assumed that the accumulation of undis-
sociated acetic acid with increasing concentration has no effect on the
solvent. The properties of undissociated acetic acid are, however, quite
different from those of water.  For instance, the acid has a low dielectric
constant, less than 10 per cent. of that of water, and its presence in un-
dissociated form in the aqueous solutions would be expected to influence
the mobilities as well as the activities of the jons. In our computation
it has been necessary, with the data at hand, to assume that the solvent
is pure water. This is evidently incorrect at the higher concentrations,
and will lead to greater errors the weaker the electrolyte. We expect,
in the near future, to study the effect of the change of the medium on the
mobilities of the ions.” .

Referring to Fig. 2 it is seen that line ¢, as has been mentioned, repre-
sents the Debye-Hiickel theoretical limiting slope, 4. e., the constant
24 = 1.013 in the expression —log %? = 24 /C;. Although this line
is evidently in close agreement with the data for the lower concentrations,
it is nevertheless a limiting equation, and deviations from it must be con-
sidered for obtaining the most probable value of the constant K from the.

' The change of the activity of the solvent must also be considered at higher

concentrations since the fonization in its simplest terms is
HAc + Hgo = H30_+ + Ac~
Also see Kendall, Tuis JourNaL, 39, 2323 (1917).

Y Davies [Phil. Mag., 4, 244 (1927)] finds that a constant can be obtained from
Kendall’s conductance data on acetic acid if the conductances are multiplied by the
viscosity at each concentration. However, he obtains a higher value than we do for
the constant; furthermore, he uses an empirical value of 4 = 0.393 in the limiting
equation — log' vy = A4 4/C instead of the theoretical value 4 = 0.5065 obtained by
Debye and Hiickel. He considers that this observation supports Milner’s theory
(which leads to a lower value of ‘A) rather than the Debye-Hiickel theory, and also
that it sustains Nonhebel's experimental value of 4 = 0.39 obtained from e, m. f.
data [Nonhebel, Phil., Mag., 7, ii, 1085 (1926)]. Kendall’s data may be readily shown
to be of insufficient accuracy to decide the question. In Fig. 2 values of K’, which
have been calculated from Kendall's data, are compared with our results. In these
computations his conductances for acetic acid have been reduced to our basis and
our data for the other electrolytes have been used. It will be seen that there is a pro-
gressive deviation of these values of K’ from ours as the concentrations decrease.
This is what would be expected from Kendall’s procedure. His measurements on the
more concentrated solutions were made first and the concentrations sticcessively re-
duced by halves, the dilutions being carried out in air in a glass conductivity cell. The
most dilute solution thus had the most handling and had the greatest contamination.
Also any adsorption of the acid from the concentrated solutions would likewise tend
to contaminate the dilute solutions. The apparent need for a viscosity correction to
the data, for the more dilute solutions at least, thus arose from experimental error.
As Davies has observed, there is no need for such a correction to the data for the stronger
acids.
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data. Accordingly least square computations were made on the eight
and ten lowest points, using the equation

log K’ = log K — 24+/C, + BG
The results are given below

24 B K X 108
8 lowest points 0.9946 —0.023 1.7533
10 lowest points 1.041 —0.047 1.7526

Although the computed values of 2 4 are, respectively, 2%, below and 39
above the theoretical value 1.013, the corresponding variations in the
activity coeﬁ"lcients_, in the ion concentration range of these measure-
ments, are of the order of a few hundredths of a per cent. Thus the
values of 2 4 are in complete agreement with the theory within the pre-
cision of the measurements. : '

These least square computations give us the limiting value of K =
1.753 X 1075 which is also the result obtained in extrapolating from
a plot of the K values in Table II against C;. These constants agree ex-
cellently with the value 1.75 X 10~ obtained in a very different manner
(from e. m. f. measurements on cells without liquid junction) by Harned
and Owen.!8

Summary

Conductance measurements at 25° are reported on aqueous solutions
of acetic acid in the concentration range 0.00003 N to 0.2 N, and on solu-
tios of sodium acetate (in which hydrolysis has been repressed) in the
range 0.0001 to 0.004 N. :

With these data and measurements of hydrochloric acid and sodium
chloride, given in an accompanying paper, values of the stoichiometric
ionization constants (K’) of acetic acid at 25° have been computed. In
this computation it has been assumed that the strong electrolytes are
completely dissociated and that, for the low ion concentrations involved,
the Kohlrausch law of independent ionic mobilities holds. At high dilu-
tions the relation between K’ and the true (thermodynamic) ionization
constant K, 4. e,, K = K'¥,? (in which 7; is the mean jonic activity coef-
ficient) is confirmed if values of 7; are calculated from the Debye—Hiickel
theory. In fact the data corresponding to solutions of acetic acid below
0.01 N are in quantitative agreement with the theory. Above that con-
centration a strong ‘“‘medium effect,” which probably has its greatest in-
fluence on ionic mobilities, becomes apparent.

From the measurements at the ‘higher dilutions the value obtained for
the thermodynamic ionization constant K is 1.753 X 107%, which is in
excellent accord with recent determinations by electromotive force methods.

New Yorxk, N. V.

 Harned and Owen, THis JoURNAL, 52, 5079 (1930).
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The present communication is concerned with the calculation of the
activity coefficient of barium hydroxide in aqueous solution at 25° through
the concentration range of 0 to the saturated solution from electromotive
force measurements of the cells.

H, | Ba(OH); (m) | Ba,Hg | Ba(OH), (m,) | H,

~ Materials and Experimental Procedure

The concentrated batium hydroxide solutions made from a high grade
analyzed chemical were allowed to stand for a week until all carbonate had
settled. The clear solutions were carefully drawn off and kept in bottles
containing carbon dioxide-free air. The concentrations were determined
by titration with hydrochloric acid standardized by gravimetric analysis.
Weight burets were employed. Dilute solutions were prepared by addi-
tion of known weights of boiled water iz vacuo. Since measurements of
cells of this type are among those most difficultly reproducible, the sources
of error lie in the operation of the cells and not in the knowledge of the
concentrations of the solutions.

A 0.2% barium amalgam was made by electrolysis of a saturated solu-
tion of barium hydroxide. This was withdrawn into an evacuated flask
which was then inverted and allowed to stand for twenty-four hours or more
until all the usual solid impurities had risen to the surface. This amalgam
was then diluted to 0.19 by withdrawal into an equal volume of mercury
in a similar vessel. v

The cells were similar in design to those previously described by Harned?
and by Akerlof* with one modification. It was found by Lucasse! that
alkaline earth metal amalgams which flowed from the ordinary type of
drawn capillary tubes did not function well in cells of this type. He found
that amalgam vessels with turned up capillaries which had not been drawn
to fine tips functioned in a much more satisfactory manner. Our ex-
perience confirmed this point, so that this type of amalgam vessel was
employed. '

All solutions were boiled 7 vacno to remove dissolved air, and all pre-~

! The present communication was constructed from part of a Dissertation to be
submitted to the Graduate School of Vale University in partial fulfilment of the De-
gree of Doctor of Philosophy, June, 1932,

* Harned, THIS JOURNAL, 47, 676 (1925).

* Axerlof, ibid., 48, 1160 (1926); Harned and Akerlof, Physik. Z., 27, 411 (1926).

* Lucasse, Tars JournaL, 47, 743 (1925).



