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Thermodynamic equilibrium constants are reported for reactions between M *2(aq) and V~4(aq), where M *2is an alkaline
earth ion, and V4 is the tetranegative anion of ethylenediaminetetraacetic acid. The calculations were carried out with
e.m.f. data obtained from cells of the type Pt—Hz, K *(m,), M *2(m,), Cl~(m3), H,V " ~4(m,), AgCl-Ag at various temperatures

and ionic strengths,

For each temperature the data were extrapolated to infinite dilution with the aid of the Debye-Hiickel

activity coefficient relationship, and the thermodynamic chelate formation constant was evaluated. The thermodynamic
quantities AF°, AH® and AS°® are calculated and discussed in the light of present theories of metal chelate formation in

aqueous solution,

The reasons for abnormally high affinity of ethyl-
enediaminetetraacetate and iminotriacetate anions
for the alkaline earth ions have never been clarified
in the light of the strongly-basic properties of these
metal ions. Indeed, before the discovery of these
complexing agents, the alkali and alkaline earth
ions were considered to be examples of cations
which did not formm coérdination compounds.
Perhaps the most reasonable suggestion advanced
to explain the high stability of chelates of this
type is that of Calvin and Bailes.!

According to this theory, the entropy increase
associated with the formation of chelate rings is
considered to make a major contribution to the
stability as measured by the equilibrium formation
constant. This idea was more recently carried a
step further and extended to the calcium ethylene-
diaminetetraacetate chelate.?

The purpose of this investigation is the determi-
nation of the experimental values of AF°, AH® and
AS°® associated with chelate formation between the
ethylenediaminetetraacetate ion and magnesium,
calcium, strontium and barium ions. Information
of this nature would be helpful in correlating the
entropy effect with the formation of 1etal chelates
of abnormally high stability.

With few exceptions, previous work on the sta-
bility of metal chelates has not resulted in the
determination of thermodynamic constants, since
most investigations were made in a supporting
electrolyte having a concentration much higher
than that of the chelate compound. The only
thermodynamic chelate stability constants known
to the authors of the present paper are that of
Kety?® for lead and citrate ions, of Calvin and
Zebroski* for thenoyltrifluoroacetone and thorium!V
ions, and of Carini and Martell’ for ethylene-
diaminetetraacetate and calcium ions. In the
present paper the latter work is extended to other
alkaline earth ions, and to measurements over a
series of temperatures for the calculation of heats
and entropies of chelate formation.

Experimental

The experimental method employed in this research has
not been applied previously to the determination of metal
chelate stability constants. In principle, it consists of the

(1) M. Calvin and R. Bailes, TH1S JOURNAL, 68, 949 (1946).

(2) A, E. Martell and M. Calvin, "Chemistry of the Metal Chelate
Compounds,’’ Prentice~Hall, Inc., New York, N. ¥, 1952, p. 151.

(3) S. Kety, J. Biol. Chem., 143, 181 (1942),

(4) E. L. Zebroski, Thesis, University of California, 1947.

(56) F. Carini and A. E. Martell, TH1S JoURNAL, T4, 5745 (1952).

measurement of hydrogen ion activities in solutions con-
taining an alkaline earth metal ion, ethvlenediaminetetra-
acetic acid, aud inert electrolyte, at equilibrium, This was
accomplished by measurement of the e.m.f. of the cell

Pt-Ha, K*(m1), M*2(ms), Cl=(m;), HaV*~4(m,), AgCl-Ag
9]

where M *2 represents an alkaline carth mietal ion, V=4 is the
ethylenediaminetetraacetate anion, and # may be varied
from 0 to 2. The e.m.f. data thus obtained were extrapo-
lated to infinite dilution, allowing the calculation of the
standard free energy change, AF°, for the reaction

M™*(agq) + V~4(aq) —> MV~*aq)

Apparatus and Materials.—A Leeds and Northrup type
K potentiometer was used with a cell similar to that described
in a previous publication.®! The platinum electrodes were
prepared according to the directions given by Weissberger.$
The silver—silver chloride electrodes were prepared by the
method of Shedlovsky and MacInnes.”

The ethylenediaminetetraacetic acid, obtained through
the courtesy of the Bersworth Chemical Company, Fram-
ingham, Massachusetts, was further purified by two suc-
cessive recryvstallizations from water. Carbon dioxide-
free potassium hydroxide, prepared from silver oxide and
potassium chloride by the method of Schwarzenbach and
Biedermann,®! was standardized against potassium acid
phthalate as recommended by Kolthoff and Sandell.? The
alkaline earth chloride solutions were standardized bv the
Volhard niethod.?® All solutions made up in the course of
this investigation were either prepared on or corrected to a
molal basis.

Procedure and Experimental Data.—The e.m.f. of cell I
was first measured for definite values of 1, ms, m; and my
at 25°. The cell was then cooled to approximately 0° and
the initial reading was taken. The temperature was then
raised by 5° increments, and e.m.f. readings were taken
after equilibrium was established. In most cases, 510
hours was sufficient to obtain reproducible readings, which
were then found to remain constant for as long as 3 or 4
davs. At 25° a check was made for reproducibility of the
initial reading. The solutions emploved in cell I were made
up so as to give a constant ratio of (mm+2) (Muavn—1) imyv-2:
mcr, as is required for the extrapolation method described
below (equation 13). In the more dilute solutions there
was a tendency for this ratio to be changed by greater dis-
sociation of the metal chelate. Under these conditions the
ratios were maintained by appropriate addition of potas-
sium hydroxide. These ratios were kept constant for each
temperature investigated.

(6) A. Weissberger, '"Physical Methods of Organic Chemistry,”
Second Edition, Vol. II, Interscience Publishers, Inc., New York,
N. Y., 1949, p. 1722,

(7) T. Shedlovsky and D. A, Maclnnes, TH18 JoURNAL, B8, 1970
(19386).

(8) G. Schwarzenbach and W. Biedermann, Helv. Chim. Acta, 31,
331 (1948).

(9) I. M. Kolthoff and E. B. Sandell, '"Textbook of Quantitative
Inorganic Analysis,’”” Revised Edition, The Macmillan Co., New York,
N. Y., 1948, p. 553.

(10) W. Scott, "Standard Methods of Chemical Analysis,”” Fifth
Edition, Vol. I, D, Van Nostrand Co., Inc., New York, N. Y., 1939, p.
271.
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TABLE I
E.m.f. (mv.) of cell I
¢, °C. Metal w? u2® uz® w s e
0 Mg 653.18 643.15 638.16 634.10 630.03
Ca 539.91 530.32 524,62 521.81 518.45 515.36
Sr 628.95 624.02 616.00 613.56 610.74 606.08
Ba 621.25 610.69 606.84 602.77 600.01
5 Mg 657.29 647.13 642.17 637.97 633.83
Ca 542.06 532.29 526. 50 523.41 520.26 517.22
Sr 635.49 630.41 622.30 619,76 616.95 612,15
Ba 624.78 614.19 610.21 606.02 603,37
10 Mg 661.67 651.28 646,16 641,89 637.68
Ca 544 .65 534.65H 528 .60 02577 522.51 519.26
Sr 0640.77 :35.50 (27.29 624,53 (621,84 617.29
Ba 628 .41 617.74 613,58 609 .31 606. 566
15 Mg 665.67 654.97 649 .89 645 .54 641,20
Ca 546.92 536,86 230.74 Hh27.83 524.51 521.25
Sr 645.66 640,45 632,16 629.42 626.27 621.59
Ba 631.93 621.19 616.73 612.50 609.75
20) Mg 669.11 658.30 653.00 648.64 644,28
Ca 549.30 538.95 532.78 529.76 526.62 523.01
Sr 650.74 645.27 636.83 633.93 630.90 626.07
Ba 635.67 624 .39 620.20 615.90 613.22
25 Mg 673.06 662.00 656.62 652,18 647.75
Ca 551.26 540.79 534 .46 531.45 527.96 524 .64
Sr 654,43 649.34 640.77 638.16 634.79 630.06
Ba 639.05 627.63 623 .26 619.00 615.92
30 Mg 677.20 665.83 660.36 655.85 651.28
Ca 553.30 342.65 536.21 532,97 529.78 526.17
Sr (658.37 652.96 644 .18 642 .01 638.46 633.65
Ba 642.37 630,77 626.19 621.92 B18.80
Molal concentration X 10)3
Metal Mg 6. 534 10, 890 14.001 17.112 21.06
Acid 0.8572 1.3534 1.7084 2.0626 2.5132
Metal Ca 13,816 21.643 28 .66 32.89 38.14 43.90
Acid 2.1957 3.249 4.214 4.481 5.096 5.711
Metal Sr 7.283 9.153 13.246 14.978 17.021 20.39
Acid 1.1451 1.8306 2,061 2.320 2.629 3.141
Metal Ba 13,342 22.32 27.29 33.02 37.49
Acid 2.005 3.355 4,102 4.963 5.649

* The values of w1, p2, us, etc., differ for each e.m.f. measurement, and may be found as points in Fig. 1.

Sample e.m.f. data for cell I obtained at 0, 5, 10, 15, 20,
25 and 30° for each of the four alkaline earth ions at various
ionic strengths are given in Table I. Because of space limi-
tations only one value is given for each set of conditions,
and all duplications and minor variations are omitted.

Calculations.—The e.m.f. of cell I is given by the
equation

E = E° — RT In ag*mervyer (D
wliere v represents activity coefficlent and the
other termns have their usual meaning. The sta-
bility of the metal chelate is defined in terius of the
cliemical equilibrium

M+2 4 V=4 == MV 2

where M*? represents an alkaline earth ion and
V -4 represents the tetravalent anion of ethylene-
diaminetetraacetic acid. The corresponding sta-
bility constant expression is

ap+? X ay-4

&

- aMv—?
= (2)

At the pH employed in the experimental solutions
for cell I, it is necessary to take into accouut the

third and fourth acid dissociation equilibria of the
amino acid
H,V-2 == H* 4+ HV-*
HVS > H* 4 V4
The corresponding thermodynamic acid dissocia-
tion constants are defined by

B o= ag* X any-? (3)
[45: 03
By = ‘Bil(__f‘ll‘ )
anv-?
Rearrangement of equations (2), (3), and (4) gives
+ - 1
agt = (w,j k3k4K) /2 (5
amv—?

Combination of equations 1 and 5 results in the
relationship

(E — EOF

. C = !
sarT T log mar /2 log
(M kak4K) — log vor (6)
aqv-?
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Rearrangement of 6 with the substitution of msys As = AH? — AR (13)
for as and of pyH for (E — E°)F/2.3 RT + log T
mc1- according to standard practice, results in the TabLE I1
relationship % EVALUATION OF AcTIvVITY COEFFICIENTS
1 1 M = Metal ion 1, °C. a* B8 log »
ol = Va(phs + PR + /slog =T Mg+ 0 6.0 0.7 2.750
. - Yartt X YEv—? X Vior 5 6.0 7 2.804
~'/ilog K = ilog Ty @ 10 6.0 6 2.8%
The activity coefficient term was defined as a func- 15 6.1 .6 2.914
tion of ionics trength in terms- of an arbitrary 20 6.1 .5 2.953
parameter, a*, the “‘distance of closest approach” 25 6.2 .5 3.008
obtained from the Debye—Hiickel relationship 30 6.2 .5 3.026
2 Cat2 0 10.3 1.0 1.025
— log 7 = rﬁzlﬁgiﬁ + fmi (8) 5 10.4 1.0 1(1)8(7)
) )
where A, Z and B have their usual significance. i(; 18%) 0(3 1225
The quantity 8 was evaluated by the method de- %) 10.6 9 1 309
scribed by Hamer and Acree.!! Since the proper- 25 107 9 1330
ties of each ionic species present in the mixture are 30 10.8 9 1 446
additive functions of those of the individual ions g2 0 . '5 0.8 1'716
present, it follows that Zgm; = Z(1/n)Bmu. T 0.6 .8 1.840
If the ionic strength contribution of each ion is some 5 10. - " | 039
fraction of the total ionic strength (ie., w = 1(_) 10. - 93
constant X u where p, ¢ and » are constants for a 15 10.8 ; ;??2
specified ratio of salts) and since g; = #m; and u = gg i?g 5 > 189
Zui, it follows that 30 10 - 2 248
2 (o8 = o (@Bl — o (Bl = B (9) Bt 0 6o o5 osu
The relationship derived from equation 8 to fit the 10 6 2 6 879
requirements for the extrapolation of the quantities 15 6 4 6 034
of equation 7 to infinite dilution is 20 6.5 6 983
Yutt X YEv-2 X Yior 34+/n 25 6.6 .6 1.029
—'/»log e =T B\a/:\/i +6u (10) 30 6.7 6 1.069
The values of 8 obtained by means of equa- sk - v B
tion 9 and the values arbitrarily selected for | .. \ . o
the constant a* so as to give a straight-line | A A i
extrapolation of equation 7 with minimum o . s *
slope were substituted into equation 10 to P 75l ] o
give values of log v, equal to the quantity ool .
—1/5log (ym+ X vmv- X Yici-/vmv-s) for " - v
each temperature and each metal ion system. w 8 . ot
The values of log my+ (Muv-2/myv-:) Were Nogp———"—= > -
calculated and listed in Table II as log 7, o A
along with the values of a* and 8, determined “ ' et
as described above. 1088w = 5 .16 %
All the terms in the resulting relationship T ® pne
for equation 7 with the exception of K were Log Ksr} .
placed on the left side of the equation and od sok R
extrapolated as a function of ionic strength | X d ° . o
to infinite dilution. Thus, the thermody- % " v ? i
namic constant K was evaluated for each 92 oo 8oF o
temperature investigated. The graphical s o ey
extrapolations to infinite dilution are given - e
in Fig. 1. The values of pk; and pks used HE - » o8 T N
in equation 7 were reported in an earlier ¥ F e a0
publication.!? s0f— —% TR 87§ ——s

ry
ux10?,

The standard thermodynamic quantities
AF°, AH® and AS® were calculated by means Fig. 1.—Extrapolation of potentiometric data to infinite dilution

of the usual relationships (see equation 7).
AFC = —2303 RT log K (11) The equilibrium constants and thermodynamic
AR = 2:303 RTLT; (log &y — log k1) (12) constants calculated by means of equations 7, 11,
T — T, 12 and 13 are given in Table III.
(11) W. Hamer and S. Acree, J. Research Natl. Bur. Standards, 85, 3 H
381 (1945). ar Discussion

(12) F. F. Carini and A. E. Martell, Tus JournNAL, T5, 4810 (1953). From the equilibrium formation constants listed



2156
TaBLE 111
°C. Ag Ca Sr Ba
log A
() 9.2 1114 0.02 .01
B .24 11.12 8.496 7.95
10 9.20 11.08 891 7.89
b} 9.16 11,04 8.85 7.84
20 g.12 11.00 8.80 7.78
25 O, 10.08 8.76 s
30 9.05 10.95 8.74 7.63
— AFY, kecal.

0 11.60 13.92 11.33 10.01
5 11.77 14.15 11.44 10.12
10 11.92 14.35 11.54 10.22
15 12.08 14.55 11.66 10.33
20 12.24 14.76 11.80 10.44
25 12,40 14,97 11.90 10.5¢
30 12,56 15.18 12.11 10.66
— AHY, kcal.

0-30 2.9 2.5 4.1 4.1
4+ AS?, e,

0-30 32 42 26 22

in Table III, it is seen that the order of stability
of the 1:1 alkaline earth chelates of ethylenedi-
altinetetraacetic acid is: Mg(II) > Ca(II) >
Sr(II) > Ba(II). This is the same order as was
found by Schwarzenbach and Ackermann'® on the
basis of “‘concentration’ constants in 0.1 M KCI
at 20°, although the thermodynamic values of the
preseut investigation are considerably higher, as
expected. Although the stability as measured
by the equilibrium constants decreases slightly
witll an increase in temperature, the values of
—AF° increase i1 magnitude as the teniperature
increases.

‘The enthalpies of formation of tlie inetal chelates
from tlie aqueous ions in their standard states are
scen from the values of AZ/° in Table III to be all
small, negative, and about the same maguitude.
These values correspond to the breaking of the
M-H,0 bonds of the hydrated ions and the forma-
tion of the metal-ligand bands in the chelates.
Thus, if one neglects the slight amount of hydra-
tion of the ligand aniou, the reactions involved in
the calculated AIZ° valiues may be sunuunarized by
the equation

o
T T T ~en, T2

+2 ,
Ca (H,0) o 2
T . CO—CH, \
“00C CH, CH,CO00™ ,OK' - T~ ==N
TR . \ New!
) . 2
e —_— 7 Ca . / :
$he TN ek
N e L
- ~ 0. - - - ~ —N
00CCH; “CH,Co0™ ~C T/\
L e
O\CO/ 2
4+ xHO

The heats of hydration of the alkaline earth metal
ions are 448, 362, 334 and 288 kecal./mole for Mg-
(II), Ca(Il), Sr(II) and Ba(II), respectively.!*

(13) G. Schwarzenbach and H. Ackermann, Helv. Chim. Acta, 80,

1798 (1947).
(14} A. Smekal, "“Handbuch der Physik,” 12th 13d., Vol. 24, part
11, Julius Springer, Berlin, 1933, p. 1051.
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Since the value of A//° deterinined in this in-
vestigation is quite simall compared to lieats of
hiydration, it seews that the heats of formation of
the wetal chelate bonds are of approximately the
same magnitude as the ion-dipole bonds of the
hydrated ions.

The most significant result of this investigation
is tlie fact that the high stability of the alkaline
earth—cthylenediaminetetraacetate chelates is due
primnarily to the large entropy increase associated
with complex formation. The entropy change
accounts for from about two-thirds of the free
energy increase for the barium chelate to about four-
fifths for the calcium chelate. An entropy increasc
would be expected for a system such as this where
the charge of tle ions is decreased, where tlic ion
forimed is larger thian the ions from which it is
produced (to allow a more favorable distribution
of charge), and where an increase in the nuimber of
particles occurs. From the equation given above
it is readily seen that all three factors operate in
this case. The latter effect, in which thie highly
polarized water molecules surrounding tlie mietal
tons are released to the body of the solution, is
believed to be the ost immportant of the three.
The original suggestion of Calvin and Bailes! for
the copper(Il)-salicylaldeliyde chelate attributed
the greater part of the stability to the same type
of entropy effect.

The fact that the reported entropy changes
nterease to a maxintn with the calcium ion and
theu decrease again for the larger ious is interesting
as a couiparison of relative teudencies for chelate
ring formation. It is probable that the coordina-
tionn nmnber of the magnesiuin ion is soutewhat less
than that of the other ions of the alkaline earth
group. The releasec of fewer water molecules to
the solvent in the case of the magnesium ion seeus
to correlate with the fact that the observed entropy
clhiange is less favorable than that of the calcium
iou. The swaller magnitudes of the entropy in-
crease for strontiui and baritim may be due to the
introduction of strain in the chelate rings involving
the larger ions.

The reasons for tlie ligh affinity of thie cethylene-
diaminetetraacetate anion for alkaline earth ious
has been a atter of speculation for some tine.
One of the chief difficulties is the fact that the
highly basic alkaline earth ious are generally recog-
nized as laving little affinity for all complexing
agents and most chelating agents. The forma-
tion of wultiple chelate rings and the consequent
entropy effect is in itself unsatisfactory, since
other polydentate ligands, such as the polyainines,
would otlierwise form strong chelates with the
alkaline earth ions. Therefore, it seemns that a
ucgative or very swall positive value of AZI° is
also an essential requirement for a stable chelate.
The formation of ulkaline earth chelates of the
polydentate polyaiines would probably involve
a favorable entropy increase but a highly unfavor-

able (i.e., relatively large and positive) enthalpy
change. Thus, the fact that the affinity of the

donor groups it the ethylenediaminetetraacetate
anion for calcium ion is at least as great as that
of water molecules is {undamental to the attain-



April 20, 1954 Tue SysTeEM Porassium CuLORIDE-S0DIUM CHLORIDE IN WATER 2157

port of this research project under Coutract Nonr-
506(00).
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ment of high stability in the resulting chelate.
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The Determination of the Adjusted Indicator Concentration behind a Moving Boundary
in Dilute Solution; the System Potassium Chloride-Sodium Chloride in Water at 25°

By D. R. MUIR, J. R. GrRauaM AND A, R, GORDON
RECEIVED DECEMBER 7, 1953

A method is described for determining the adjusted indicator concentration behind a moving boundary in dilute solutions.
To test the procedure, the system KCI-NaCl was investigated. It is shown that the Kohlrausch ratio can be determined
with a precision comparable with that obtainable in moving boundary determinations of transference numbers, and that the
ratio, measured over a range of concentration, can be extrapolated unambiguously to zero couceutration. From the limit-
ing ratio and the limiting equivalent conductances of leading and indicator salts, limiting ionic conductances may be ob-
tained at once. Thus limiting ionic conductances can be determined in any solvent in which precise conductance measure-
ments are possible, without carrying out any transference measurements in the ordinary sense of the terin. Possible applica-

tions of the method are discussed.

In 1934, Hartley, Drew and Collie! reported a
method for measuring the transference number of a
slow ion by determining the adjusted indica-
tor concentration of that ion behind a boundary
for which the transference number of the lead-
ing fast ion was known. The basis for the proce-
dure was the familiar Kohlrausch? condition for a
stable two salt boundary of the type MA/M;A

G/C =4/t =r §Y)

where C and C; are the concentrations of the lead-
ing and indicator ions M and M;, respectively, ¢
and ¢ are the corresponding transference numbers,
and r is the Kohlrausch ratio. As originally de-
veloped, the method was not capable of high preci-
sion, but it did permit approximate determina-
tions of the transference numbers of certain paraf-
fin-chain salts.? Years later, and using modern
techniques, analogous measurements were carried
out by Longsworth* to test the Dole theory? of
polysalt boundaries, but on the whole the possi-
bility of obtaining reasonably precise transference
data in this way has received little attention. Ina
recent paper® dealing with adjustment of indicator
concentration during moving boundary measure-
ments, it was shown that with the type of cell there
employed, it was possible to determine the indica-
tor concentration behind the boundary within a
part in 500 or so; this suggested that if the preci-
sion of such measurements could be raised to a level
comparable with that obtainable in the usual mov-
ing boundary determination, and that if the Kohl-
rausch ratio, measured over a range of concentra-
tions, could be extrapolated to infinite dilution, the
resulting limiting ratio could be combined with the
corresponding limiting equivalent conductances to
yield limiting ionic conductances. Since limiting
ionic conductances provide information as to ion—

(1) G. S. Hartley, E. Drew and B. Collie, Trans, Faraday Soc., 30,
648 (1934).

(2) F. Kohlrausch, Ann. Physik. Chem., 63, 209 (1897).

(3) G. 8. Hartley, B. Collieand C. S. Samis, Trans. Faraday Soc., 33,
795 (1936).

(4) L. G. Longsworth, Tu1S JOURNAL, 67, 1109 (1945).

(5) V. P. Dole, ibid., 67, 1119 (1945).

(6) A. R. Gordon and R. L. Kay, J. Chem. Phys., 21, 131 (1953).

dipole interaction unobtainable from the equivalent
conductance data, and since the procedure outlined
above would eliminate the need for transference
measurements in the ordinary sense of the term, it
seemed desirable to investigate this possibility.

The system chosen for investigation was KCl/
NaCl in aqueous solution at 25°. The reasons for
this choice were first, that for both salts the trans-
ference numbers were well established,”® and sec-
ond, that owing to the relatively rapid change of
the transference nuniber for NaCl with concentra-
tion as compared with that for KCl, this system
provided a good test of any extrapolation proce-
dure.

Experimental

A series of tests with the cells previously employed (sec
Fig. 2 of ref. 6) and with various modifications of them,
showed that the desired precigion in the measurement of the
adjusted indicator concentration (0.02%) could not be at-
tained, but partly by accident it was found that a much
simpler technique could, with care, provide data of the ac-
curacy desired. Essentially the cell is a conventional fall-
ing boundary cell of the type used for many years in this
Laboratory with a type VIII shearing mechanism (see Fig.
1 of ref. 6). It differs only in that the channel is somewhat
longer (approximately 30 cm.) than in earlier cells, and that
there is an additional shearing stopcock at the base of the
channel. As in earlier cells, the channel is 2.5 mm. internal
diameter and cadmium and silver-silver chloride electrodes
serve as anode and cathode. To fill, XCl solution is forced
upward into the channel until it rises just above the top of
the upper shearing stopcock, which is then closed. The
reservoir above the stopcock is then repeatedly flushed with
the NaCl solution; after filling, the cell is brought to tem~
perature equilibrium in a bath regulated to =+0.01°, the
Jjunction is formed at the top of the channel, and the current
is started. It should be noted that only an approximate
knowledge of the current and the time of electrolysis is neces-
sary. Fifteen or twenty minutes after the time calculated
for the boundary to pass the lower stopcock, the current
is stopped and both cocks closed, thus isolating a column of
indicator solution. For a system for which the transfer-
ence number of the leading ion was not known, a preliminary
series of measurements would obviously be required to de-
termine the length of electrolysis necessary for the concen-
tration of the solution in the channel to become independent
of further passage of current.

(7) L. G. Longsworth, THis JourNaL, 54, 2741 (1932).

(8) R. W, Aligood, D. J. LeRoy and A, R. Gordon, J. Chem. Phys.,
8, 418 (1940).

(9) R. W. Allgood and A. R. Gordon, ibid., 10, 124 (1942).



