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As another methodologically interesting application, 
eq. 11 can be made use of for the stochastic char­
acterization of relative velocities. For instance, 
the rate of motion (relative to the ambient ocean) 
of ships on the high seas might be determined by 
comparing the limiting current of oxygen obtained 
in a sample of sea water in a "calibration assembly" 
aboard, with the limiting current measured using 

Dilute aqueous solutions of ferric and thiocya­
nate ions contain the complex1"'4 FeCNS++, 
for which consistent values of the association 
constant3-6 and the molar absorbance index4-6 have 
been derived from spectrophotometric measure­
ments. Although qualitative evidence from a 
range of experimental methods indicates that at 
higher thiocyanate concentrations complexes of 
higher thiocyanate content are present,14'6'7 few 
quantitative studies have been reported. Esti­
mates of the association constants of the complexes, 
Fe(CNS)x(3~x)+, (x = 1 to 6), have been made using 
solvent distribution6 and spectrophotometry,8 but 
the results obtained were not in good agreement. 
A later estimate8 of the association constant of 
Fe(CNS)2

+, from kinetic studies, did not support 
earlier values. 

The present investigation was undertaken in an 
endeavor to measure the association constant of 
the ion Fe(CNS)2

+ and to obtain its absorption 
spectrum. In this way it was hoped to assess the 
significance of this species in the ferric thiocyanate 
system. Competitive complex formation was min­
imized by using perchlorate solutions since Rabino-
witch and Stockmayer9 found no evidence of com­
plex formation by ferric ion with perchlorate con­
centrations of up to 3 M. Subsequent data10 sug-
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nates," Dana Bogtrykkeri, Copenhagen, 1937. 

(2) H. E. Bent and C. L, French, T H I S JOURNAL, 63, 598 (1941). 
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(5) J. Y. Macdonald, K. M. Mitchell and A. T. S. Mitchell, J. Chem. 

Soc, 1574 (1951). 
(6) R. H. Betts and F. S. Dainton, T H I S JOURNAL, 75, 5721 (1953). 
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(1931); (b) H. I. Schlesinger, ibid., 63, 1765 (1941); (c) R. K. Gould 
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ibid., 71, 3326 (1949); (f) A, K. Babko and V. S. Kodenskaya, Trudy 
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47, 2575 (1953); (g) K. M. Mitchell and J. Y. Macdonald, J. Chem. 
Soc, 1310 (1949). 
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C. A., 41, 1913, 4732 (1947). 
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335 (1942). 
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the same indicator electrode immersed alongside 
the ship in the ocean. 
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gest that under the present experimental condi­
tions about 2% of the ferric ion not present in 
thiocyanate complexes would exist as ferric per­
chlorate ion pairs. This would not significantly 
affect the results obtained. 

Experimental Methods 
Reagents.—All reagents were of A.R. grade and were 

used without further purification. Stock solutions of ferric 
perchlorate were prepared from ferric ammonium sulfate by 
precipitation of ferric hydroxide with ammonia; the pre­
cipitate was washed repeatedly with distilled water at the cen­
trifuge and then redissolved in excess perchloric acid. Fer­
rous perchlorate was freshly prepared by double decompo­
sition from ferrous sulfate and barium perchlorate solutions. 
Concentrations of freshly prepared sodium thiocyanate solu­
tions were checked by argentometric titration. 

Spectrophotometry.—All absorbance measurements were 
made at 18 ± 0.3°, using a Beckman model DU quartz 
photoelectric spectrophotometer. Silica inserts and a range 
of optical cells provided light paths from 0.14 to 100 mm. 

Known concentrations of ferric perchlorate, perchloric 
acid, sodium perchlorate and sodium thiocyanate were 
mixed in that order and diluted to the desired volume. Ab­
sorbance measurements were commenced within two min­
utes of mixing, and a series of readings was taken at each 
wave length to allow correction for any observed fading. 
Fading was slight but significant only at higher thiocyanate 
concentrations. All readings were taken within 30 minutes 
of mixing. 

Variation of Absorbance with Thiocyanate Concentra­
tion.—If, as appears to be generally accepted, thiocyanate 
ion forms a series of colored complexes with ferric ion, the 
variation of the absorbance of the system with increasing 
thiocyanate concentration should enable their association 
constants and absorption spectra to be calculated. 

In a constant environment, from the law of mass action 

Ke(CXSy 8 -* '+] = A y F e ( C X S ) , - i ( 4 - * H ] 9 = 
A 1 A V - A V [ F e - + + ] ^ (1) 

x = n 

[Fe + ̂ +Jo = E i K e t C X S y 3 " " - ] = 
A = 0 

[Fe- *-+](l + A19 + K1K1B
2 + . . . . + A1AV .KxB") (2) 

x = n 

.1, cm. = Yl VFe(CXS),'3 '+; 1J = 
i = 0 

[Fe + + +] (,E1AiS + C2K1K2S* + ... + e„AiA2. .A'„0») (3) 
where Kx is the association constant for the complex, Fe-
(CNS) 1 " - x)+, B is [CNS"] , A is the absorbance, e is the 
molar absorbance index, and [Fe + + +]o is the total ferric ion 
concentration. At the concentrations used in the present 
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work ferric ion gives no detectable absorption throughout the 
wave length range studied. 

Elimination of [Fe + + +] between equations 2 and 3 gives 

*~M cm 

[Fe + + + ] 0 "" 
I1K1O + C2K1K2B* + • • + ^K1K2. .KnB

n 

1 + iTii? + K1K2B
2 + . . + KiK2. .KnB" { ' 

At low thiocyanate concentrations, where the only thio­
cyanate complex present in significant amounts is Fe-
C K S + + ,4 equation 4 reduces to 

/ l i c m / [Fe + + +]„ = I1K1Bl(X + K1B) 

which on rearranging becomes 

[Fe + + +]oA4i om = Ve1 + 1/eiKtf (5) 

Hence <=i and -KTi can be obtained from the plot of [Fe + + + lo/ 
Ai cra against 1/0. 

At higher thiocyanate concentrations other complexes 
must also be considered. If it is assumed6 that for thiocy­
anate concentrations less than 0.1 M the concentration of Fe-
(CNS)2+ is very much greater than of Fe(CNS)s and subse­
quent complexes, it becomes possible to determine the asso­
ciation constant K2 of Fe(CNS) 2

+ . Under these conditions 
equation 4 becomes 

Ai cm/[Fe + + +]„ = U1K1B + C2KiK2B*)/(X + Kid + KiK2B*) 

which can be rearranged to give 

A l cm 

[Fe + + +]„ _ e2 

KJ& (iT^o (1 + m ~ ^9) {6) 

= 62 - J(A)ZKiK2B* 

where t2 is the molar absorbance index of Fe(CXS)2
+- As 

JSTi, ei, B and Fe + + + are known it is possible to obtain e2 and 
K2 from the plot of /4/[Fe + + + ] o agains t / ( / i ) /0 2 . 

For thiocyanate concentrations exceeding 0.1 M, cubic 
and higher equations can be derived from which to evaluate 
subsequent association constants. However, uncertainty 
in the experimental measurements is too great to allow reli­
able constants to be obtained. 

Oxidation-Reduction Potentials.—AU measurements were 
made at 20 ± 0.1° with a Tinsley type 4046B potentiome­
ter, easily readable to 0.1 mv. , and a Cambridge Spot gal­
vanometer. Two bright platinum electrodes were immersed 
in the ferric thiocyanate solution, which also contained a con­
stant, known, concentration of ferrous ion. The reference 
electrode was saturated calomel, the liquid junction being 
established across a fine sintered disc. Commercial nitro­
gen freed from oxygen by passage through Fieser's solution 
was used to stir the solution and to maintain an inert at­
mosphere in the closed electrode vessel. 

The potential of the cell 

Pt I pl++T ClO4- I satd. KCl I cal. 

is given by 

E = E0 - 2.302&(RT/F) log (aFe
 + + +/aFe

 + +) + E1 

where E0 is a constant and E; is the liquid junction potential. 
At 20°, for n = 0.69, E0 + E; was found to be -0 .5280 v. 

From the variation of E with concentration of thiocyanate 
ion the stability constants of the ferric thiocyanate com­
plexes can be calculated if it is assumed that formation of fer­
rous complexes is negligible under the experimental condi­
tions. This assumption is reasonable because it is known 
that where the formation of a metal complex is attended by a 
reduction of ionic charge the resulting large entropy change 
favorable to complex formation11 is greater the smaller the 
ion and the higher its charge.12 Ferric ion would therefore 
be expected to form much more stable complexes with anions 
than does ferrous ion. Electronegativity considerations 
point to the same conclusion. 

At constant ionic strength, Ej and the activity coefficients 
of ferric and ferrous ions should be only slightly affected 
when some of the perchlorate ion is replaced by thiocyanate 

(11) R. J. P. Williams, / . Chem. Soc, 3770 (1952). 
(12) R. E. Powell and W. M. Latimer, / . Chem. Phys., 19, 1139 

(1951). 

ion. If the concentration of ferrous ion is maintained con­
stant the observed potential change enables the concentra­
tion of ferric ion to be calculated from 

(E - £„')/0.0581 = log ([Fe + + +]„/[Fe + + +]) 

where Eo' and [Fe + + +]o refer to thiocyanate-free solutions. 
Values for [Fe + + + ] 0 , [Fe + + +] and [CNS - ] can then be sub­
stituted in 

([Fe + + +]0 / [Fe + + +] - 1) / [CNS"] = K1 + 
-ST1-K2[CNS-] + -K1-RT2-Sr3[CNS-P + . . . (7) 

which is obtained from equation 2. By fitting a curve of the 
form a + bx + ex* + • . . to the plot of the left side of equa­
tion 7 against [CNS ] the successive association constants 
can be evaluated. 

Results 
In some preliminary experiments using the 

method of continuous variations,13 a total ferric 
perchlorate, sodium thiocyanate concentration of 
0.05 M gave a broad maximum which varied with 
wave length (Fig. 1). The observed scatter of the 

0.2 0.4 0.6 0.8 1.0 

Mole fraction C N S - . 
Fig. 1.—Method of continuous variations: [Fe + + +J0 + 

[CNS-Jo, 0.05 M; [HClO4], 0.50 M; 0.14 mm. light path. 
Solid lines calculated from association constants and molar 
absorbance indices for FeCNS + + and Fe(CNS)2

+ . 

experimental points probably was due to variation 
in the length of the light path. A change of less 
than 3 degrees in the slope of the silica insert in the 
optical cell altered the cell length by 0.01 mm., that 
is, about 7%. Within this rather large experi­
mental uncertainty the maximum at the lower 
wave lengths was near a molar ratio (Fe:CNS) of 
1:1; at higher wave lengths it approached a ratio 
of 1:2. This result confirms earlier observations711 

and suggests that at least two complexes, which are 
probably FeCNS++ and Fe(CNS)2

+, are present; 
also that the latter absorbs more strongly than 
FeCNS++ at longer wave lengths. 

From Fig. 2, aKi was found to be 709000, 
522000 and 247500, at 4600, 5000 and 5400 A., 
respectively. Under the experimental conditions, 
( [CNS - ]> [Fe+++]), the intercept, IZe1, was exces­
sively sensitive to error, and it was necessary to use 
published values of ei in evaluating K1. The 
selected values of e46oo = 4946,6 e5ooo = 35785 and 
«5400 = 1730s (interpolated) are in good agreement 
with the figures of Betts and Dainton6 but are 
slightly higher than those of Frank and Oswalt.4 

In this way K1 was found to be 143.4, 145.9 and 
143.0, average 144, at 18°, for M = 0.56. Cor­
rection for hydrolysis of ferric ion14 increases Kx 
by about 1%. 

(13) P. Job, Ann. chim., 9, 113 (1928). 
(14) W. C. Bray and A. V. Hershey, T m s JOURNAL, 56, 1889 (1934). 
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0.020 

0.0Ki -

Fig. 2,-

2 4 0 
1/[CNS-] X 10-3, M. 

-Estimate of C1K1 from [Fe + + +] >/A 1/e, + 
l/£lifi[CXS-]; [Fe + ++]0 ,2.0X10-*M; [HClO4], 0.57 M. 

For ba th Fig. 2 and 3 the thiocyanate concen­
trat ions were obtained by successive approximation, 
beginning with [CNS-] = [CNS-J0 . The cor­
rections were small, amounting to about 3 % at the 
lowest thiocyanate concentrations and diminishing 
to less than 1% above 0.014 M. 

Over the thiocyanate range 0.006-0.123 M, the 
linearity of the results plotted in Fig. 3 confirms 
t ha t F e ( C N S ) 2

+ and FeCNS""+ are the main com-

4 6 

f(A)/e2 x io-«. 
Fig. 3.—Evaluation of association constant and molar 

absorbance indices of Fe(CNS)2
 + : [Fe + + +]„, 2.0 X 10-" 

M; [HClOi], 0.50 M. Linear portions [CNS"], 0.0151 -
0.123 M. Higher concentrations are [CNS"], 0.31, 0.62, 
0.92 M. 

ponents present. The slopes of the lines lead to 
values of Ki = 11.6, 14.5 and 15.7, average 14, at 
18°, for n = 0.56. The intercepts are somewhat 
uncertain owing to the long extrapolations bu t 
indicate molar absorbance indices for Fe(CNS)? + 
of the orders of 9000, 9500 and 6300 at 4600, 5000 
and 5400 A. More accurate values were obtained 
using a solution 0.1229 M in thiocyanate, 0.567 M 
in perchloric acid and 2.0 X 10- 4 M in ferric ion. 
The absorbance due to FeCNS + + was calculated 
using the molar absorbance indices of Macdonald, 
et a!.,b and taking K1 = 146 and K2 = 14. Sub­
traction from the measured absorbances gave the 
absorption spectrum for F e ( C N S ) 2

+ recorded in 

Fig. 4, from which values were found to be : e46oo = 
8900, esooo = 9500, e64oo = 6460. 

For thiocyanate concentrations exceeding about 
0.2 M1 the experimental values in Fig. 3 deviate 
increasingly from linearity, suggesting t ha t higher 
complexes are present. However, the da ta are not 
sufficiently precise to permit the evaluation of 
higher association constants. 

8.0 J / 

X 

6.0 r 

4.0 

2.0 

4000 5000 6000 

X, A. 
Fig. 4.—Absorption spectra of Fe(CNS)2

+ (solid line) and 
FeCNS+5 (broken line) in water. 

The oxidation-reduction potential measurements 
provide an independent method of examining 
complex formation between ferric and thiocyanate 
ions. The results presented in Fig. 5 confirm tha t 
in thiocyanate concentrations at least up to 0.15 M 
only 1:1 and 1:2 ferric thiocyanate complexes are 
present in significant amounts . The good straight 
line obtained in Fig. 5 over this range leads to 

500 

U 
400 

300 

; 20(i 

~ 100 1 . . . . I 
0 0.05 0.10 0.15 0.20 0.25 

[CNS-], M. 

Fig. 5.—Estimate of association constants of FeCNS+ + 

and Fe(CNS)2+ from potentiometric measurements: 
[Fe + + ] , 4.88 X IO"3 M; [Fe + + +]o, 1.67 X 10'2 

[HClO1], 0.569 M. Addition of 0.500 M NaCNS: 
[CNS-] set equal to [CXSIo - ([Fe + + +]o - [Fe + 4 

3, limiting values correcting for CNS - in FeCNS + "1" 
Fe(CNS)2

+. 

M; 
O, 

- + D ; 
and 

values of K1 and K1, a t 20° and M = 0.65, of 133 and 
10.6, respectively. A subsequent experiment gave 
K1 = 130, Ki = 8.9, under similar conditions. The 
small correction for combined thiocyanate ion was 
made by successive approximation, commencing 
with [CNS-] = [CNS-J0 - ([Fe + + + ]„ - [Fe + ++]) . 
The temperature coefficient of K% should not be 
very different from tha t of ivi,9 namely, AH = 
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— 1.6 kcal./mole,6 so t ha t Ki and K2, corrected to 
18°, are approximately 133 and 10. 

T h e slight curvature shown by the results in 
Fig. 5 with increasing thiocyanate concentration 
is in the direction opposite to t ha t expected for 
higher complex formation. This deviation from 
linearity, which was found to amount to 3 0 % in a 
solution 0.8 M in thiocyanate ion and of ionic 
strength 1.08, is probably due to the increasing 
error in assuming constancy of liquid junction 
potential and ferric ion activity coefficients with 
change in thiocyanate concentration and ionic 
strength. 

Discussion 
The values for K\ obtained spectrophotometri-

cally and by potentiometric measurement are 
in good agreement and confirm previous data for 
perchlorate media, as listed in Table I. 

ASSOCIATION CONSTANTS 

TABLE I 

FOR FeCNS 
SOLUTIONS AT 18 

Present work" 
Present work6 

Frank and Oswalt4 

Edmonds and Birnbaum3 

Macdonald, et al.s 

Betts and Dainton6 

Macdonald, et a/.5 

p 

0.65 
.56 
.5 

1.0 
1.0 
1.28 
1.8 

+ + IN 

) 
Ki 

133 
145 
138° 
127" 
128 
121 
123 

PERCHLORATE 

K i ° a t 
It = 0<* 

1040 
1140 
1050 
1020 
1030 

920 
775 

" Potentiometric. h Spectrophotometric. c At room 
temperature. "* Extrapolation to /j, = 0, using equation of 
Rabinowitch and Stockmayer.9 

Both methods also give values for K2 reasonably 
close to the figure deduced by Bet ts and Dainton6 

(Table I I ) . 

TABLE II 

ASSOCIATION CONSTANTS FOR Fe(CNS) 2
+ AT 18° 

Method n Kt 
Present work Potentiometry 0.65 10" 

Spectrophotometry 0.56 14" 
Betts and Dainton6 Kinetics 1.28 20 ± 5" 
Macdonald, et al> Spectrophotometry 1.8 57" 

Spectrophotometry 1.8 1056 

Babko8 Spectrophotometry 87" 
a Perchlorate solutions. 6 Nitrate solutions. ° Condi­

tions not specified. 

The conclusion tha t in solutions less than 0.15 M 
in thiocyanate ion the only complexes present are 
F e C N S + + a n d Fe(CNS) 2

+ accounted quanti tat ively 
for the magnitudes of the absorbances tha t are 
used in Fig. 2 and 3. Over a range of thiocyanate 
concentration from 0.00014 to 0.123 M, values of 
the association constants and molar absorbance 
indices led to absorbances agreeing in almost all 
cases within 3 % of the appropriate experimental 
value. Similarly a comparison was made with the 
experimental results in Fig. 1 by calculating from 
the initial ferric and thiocyanate ion concentra­
tions the amounts of F e C N S + + and Fe(CNS) 2

 + 

present, and hence their contributions to the 
absorbances. Results obtained in this way are 
shown by the solid lines in Fig. 1. Best fit for the 
da ta required t h a t the cell length be taken as 

0.144 mm.; measurement by micrometer gave 0.14 
mm. The scatter of the experimental values about 
these lines is within the estimated experimental 
uncertainty. 

Similarly for a solution 0.33 M in ferric ni t ra te 
and 0.67 M in potassium thiocyanate a value of 
4̂o°o38 mm- = 1.5 was predicted. This is in satis­

factory agreement with the reported7d value of 1.7 
(temperature not s tated) . 

The fractions present as F e + + + , F e C N S + + and 
Fe (CNS) 2

+ fo r varying thiocyanate concentrations 
have been calculated using Kx = 146, Ki = 14 and 
are plotted in Fig. 6. As the absorption maxima 
for F e C N S + + and F e ( C N S ) 2

+ occur near 45306 

and 4850 A., respectively, the variation of the ratio 
of these complexes with increasing thiocyanate con­
centration leads to a shift of the absorption maxi­
mum to longer wave lengths. 

100 

&S 50 

0.10 0.15 0.05 
[CNS-] , M. 

Fig. 6.—Variation in fractions of ferric ion present as com­
plexes in solutions containing thiocyanate ion. Vertical dis­
tances between lines give percentage as Fe + + + , FeCNS + + 
and Fe(CNS) 2

+ . 

The molar absorbance index a t the maximum 
increases with thiocyanate content in the ferric 
complexes, from 64530 = 50006 for FeCNS++ to 
64850 = 9800 for Fe (CNS) 2

+ . For the complex, 
believed to be Fe(CNS)3, obtained by extraction 
of an aqueous ferric solution, 1.5 M in thiocyanate, 
ion, with an equal volume of amyl alcohol, 64950 
was about 13,800. 

Association constants and molar absorbance 
indices point to F e ( C N S ) 2

+ as the main light ab­
sorbing species for thiocyanate concentrations 
greater than 0.04 M. 

By assuming tha t the activity coefficients of the 
ferric thiocyanate system are similar to those for 
ferric chloride complexes, estimates can be ob­
tained of Ki0 and K2

0. Extrapolation to p — 0, 
using the same function as Rabinowitch and Stock­
mayer,9 gives Ki" = 1090. Similarly from the 
function of Bray and Hershey,16 K2" = 40. The 
ratio of Ki0ZK2" = 27 lies between the values of 6.7, 
for F e + + + , C l " 9 , and 175 for Fe + + +, OH- . 1 5 

A '.'statistical" factor of 6 would be anticipated for 
a mechanism involving simple substi tution; the 
difference may indicate less ionic binding in the 
complex.9 F rom simple electrostatic considera­
tions9 it is predicted t ha t K3°/K2° is appreciably 
smaller than K2°/Ki°. This has been confirmed for 

(15) A. B. Lamb and A. G. Jacques, THIS JOURNAL, 60, 1215 (1938). 
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the similar molybdenum(V) thiocyanate system.16 

The potentiometric measurements reported above 
also suggest that K% is numerically small. 

Estimation of Iron as Thiocyanate.—The present 
results indicate the need to maintain a constant, 
high, thiocyanate concentration in any spectro-
photometric method for the estimation of ferric ion 
by formation of thiocyanate complexes. The 
association constants of these complexes are not 
large and, as is apparent from Fig. G, almost com­
plete conversion to any one complex does not occur, 
even at high thiocyanate concentrations. Also, 

(16) D. D. Perrin, T H I S JOURNAL, 80, 3.VlO (1058). 

although ferric hydroxyl complex formation can 
be reduced to negligible proportions by using 
sufficiently acid solutions, ferric ion forms with 
many other anions complexes of stabilities compa­
rable with, or exceeding, those with thiocyanate. 
Except under carefully controlled conditions such a 
method is, therefore, not likely to be capable of 
high precision. When greater accuracy is de­
sired reduction to ferrous ion and the use of much 
more strongly complex-forming reagents such as 
a,a'-dipyridyl ion or o-phenanthroline appears to 
be preferable. 
CANBERRA, AUSTRALIA 
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Equilibrium Studies of the Copper(II) Oxalate Complex Between an Aqueous Solution 
and an Anion-exchange Resin1 
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The equilibrium of the eopper(II) oxalate complex existing between an aqueous solution and an ion-exchange resin lias been 
studied. The copper(II) bioxalate complex is stable on the resin, although it does not exist in a dilute aqueous solution. 
Evidence for a coordination number of six for copper(II) is given. A high p\\ and low oxalate in solution favor the uptake 
of copper(II) on an anion-exchange resin. 

Introduction 
The copper(II) oxalate complex has been in­

vestigated and its formula and stability constant 
in solutions of an oxalate salt determined. In 
1936 Britton and Jarrett3 in an electrometric 
investigation of the copper(II) oxalate complex in 
solutions of sodium oxalate showed the complex to 
have the formula C U ( C 2 O ^ " . This work has 
been confirmed several times, most recently by 
Meites4 in 1950 by polarographic means. The 
purpose of the present work was to study the equi­
librium of the copper (II) oxalate complex existing 
between an aqueous solution and an ion-exchange 
resin. The general approach used was that of 
Stokes and Walton5 and/or Salmon.6 The use of 
an ion-exchange resin previously saturated with the 
ligand is suggestive of Fronaeus7 but his treatment 
was not applicable in this case. The metal ion 
concentration was much too high (7 X 10~2 M) 
and the existence of the uncharged complex could 
not be assumed. Instead, the data were plotted 
after the manner of Bjerrum.s 

Experimental 
Materials.—Reagent grade chemicals were used through­

out the investigation except for primary standard sodium 
oxalate and potassium dichromate which were used for stand­
ardization purposes. 

1180 

(1) Presented at the Eleventh Southwest Regional Meeting of the 
American Chemical Society at Houston, Texas, December 1, 1955. 

(2) Taken from a thesis presented by Patrick H. Woods in partial 
fulfillment of requirements for the Doctor of Philosophy degree. 

(3) H. T. S. Britton and M. E. D. Jarrett, J. Chem. Sac, 
(1936). 

(4) L. Meites, T H I S JOURNAL, 72, 184 (1950). 
(5) Ruth H. Stokes and H. P. Walton, ibid., 76, 3327 (1954). 
(6) J. E. Salmon, Revs. Pure and Appl. Chem., 6, 24 (1050). 
(7) S. Fronaeus, Svensk Kent. Tidskr., 65, 1 (1953). 
(8) J1 Bjerrum, "Metal-Ammine Formation in Aqueous Solution ' 

P. Haase and ,Son, Copenhagen, 1911. 

Amberlite IRA-401, a strongly basic quaternary ammo­
nium type resin was used, because it has a low degree of cross-
linkage which permits the exchange of large anions. The 
chloride form of the resin was converted to the oxalate form 
with concentrated solutions of sodium oxalate. It was 
washed until the effluent was free of the oxalate ion, back-
washed, column dried and finally air dried before use. The 
moisture content, determined by drying at 110° for 3 hr., 
was 35.9%. The swollen volume (in water) of the air-dried 
resin was determined pycnometrically. The dry volume of 
the air-dried resin was determined by displacement of hex-
ane.9 The values are: swollen volume, 1.082 cc./g. of air-
dried resin; dry volume, 0.888 cc./g. of air-dried resin; in­
ternal solution volume, 0.794 cc./g. of air-dried resin. 

To obtain the ion capacity, a weighed quantity of the oxa­
late form of the resin was placed in sulfuric acid and the 
eluted oxalate ion was titrated with potassium permanga­
nate. This value was checked by converting to the hydrox­
ide form, adding excess nitric acid and back titrating with 
standard sodium hydroxide. The exchange capacity per 
gram of air dried resin was 1.150 meq. /g . 

Preparation of Solution.—The copper(II) oxalate com­
plex solution used for equilibration w âs prepared by bring­
ing solid copperoxalate ( J . T . Baker Analyzed >99.5%) into 
solution with sodium oxalate. Standardization was done 
by potassium permanganate for the oxalate and iodometri-
cally for the copper. 

Equilibration Technique.— One gram (1.150 meq.) of the 
oxalate resin was placed in a 130-ml. polyethylene bottle 
with a measured volume of the solution containing the com­
plex and free sodium oxalate. Water was added to make a 
total of 100 ml. of solution. This was agitated at 30° for 18 
hr. Preliminary runs had shown that equilibrium was at­
tained shortly after 12 hr. 

Analytical.—Copper content, total oxalate and pH were 
determined on the solution after equilibration. The ptl was 
measured with a Beckman Model G- meter. Copper and oxa­
late were determined as in the original analysis of the solu­
tion containing the complex. The analysis of the resin was 
done by difference since all ionic species were known. No 
at tempt was made to correct for activities as available con­
stants are not thermodynamic ones. No at tempt was made 
to maintain constant ionic strength because this would have 
required addition of another salt whose anions would have 
entered the resin and caused unnecessary complications.10 

(9) II. F. Walton, J. Phys. Client.. 47, 371 (1913). 
110) S. Fronaeus, Acta Chem. Seand , 8 , 1171 (1951) 


