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Fig. 1.-—The concentration dependence of the Longsworth
function for potassiumn chloride in formamide.
ductances become MNk- = 12,1, and Ng— =
17.6.  Similarly from a value of 27.9 ohms™! cm. ™
equiv.~! for the limiting equivalent conductance of
hydrogen chloride in formamide at 25°, and Ay
= 17.6, the calculated \° value for the solvated hy-
drogen ion is 10.3 and its transference number is

0.37.
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In passing from water (#’x* in KXCI = 0.49) to
formamide solutions the limiting transference
number of the potassium ion in potassium chloride
is decreased 179. The relatively larger solute—
solvent interaction with the potassium ion in the
latter solvent probably is an ion-dipole effect re-
sulting from the greater dipole moment of the for-
mamide.” Evidence that the large dipole moment
of formamide produces stroug ion—dipole forces ap-
pears also in the decrease in transference numbers
of the solvated proton from 0.82 in water to 0.37
in formamide. In formamide dissociated protons
are held by the solvent molecules with sufficient
force to prevent easy transfer from molecule to
molecule as occurs in aqueous solutions.

The limiting equivalent ionic conductance—
viscosity products for the potassium ion at 23°,
in ohm—! cin.? equiv. ! poise, in methanol, ethanol,
formamide and water are 0.283, 0.2535, 0.400 and
0.656. A complete explanation of the relative
magnitudes of these values would involve not only
direct ion-solvent interactions but also short-
range viscosity effects resulting from the influence
of the ions in modifying the normal solvent struc-
ture.

(7) W. W. Bates and M. E. Hobbs, THis JoUrn~alL, 73, 2151 {1951).
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The formation constants have been evaluated at an ionic strength of 1.0 and 25.0° for the reactions: Cu** + py =2

Cupy~*, Cu~F + 2py == Cupy, ™7, ..
108, 3.5 X 108 and 1.05 X 107, respectively.
(OH)yCupy: ™+,

, Cut*t + bpy = Cupy: ™.
Mixtures of these complexes react with hydroxide to form a dimer: py,Cu-
The constant for the reaction 2Cut~ + 20H ™ + 4py = py:Cu(OH)Cupy.*+is 5.1 X 1072,

The values found are 3.92 X 10% 2.14 X 104 85 X

The ab-

sorption spectra of each of the comnplexes were determined and the spectral behavior of the solutions was found to be in ac-
cordance with the interpretation based upon equilibrinin concentration measuremnents.

Recent publications have described the formation
of mixed hydroxy complexes of copper(IT) with
ethylenediaminetetraacetate,’ ethylenediamine,’ 1.-
10-phenanthroline,* «.«'-dipyridyl® and ammonia.b
The hydroxide was shown to occupy a fifth or sixth
coérdination position on the copper in the case with
bis-ethylenediamine and ethylenediaminetetraace-
tate. However, with 1,10-phenanthroline and o, a'-
dipyridyl the cobrdination of copper is lower
(excluding water) as only one molecule of the bi-
dentate ligand per copper was observed in the
mixed complexes. The existence of the hydroxy

71) The authors wish to express their gratitude for partial support
of this work by the Wisconsin Alumni Research Foundation and the du
Pont Grant-in-Aid. Preliminary experiments were carried out by
. I. Ohnesorge at the Massachusetts lnstitute of Technology sup-
ported hy a research grant of the Atomic Energy Commission.

/2y M. C. Bennett and N. O. Schmidt, Travs. Faraday Svuc., 81, 1412
(1953).

(3) H. B. Jonassen, R. K. Reeves and L. Segal, THI$ JOURNAL, 77,
2748 (1955).

/4) R. T. Plaum and W. W. Brandt. ¢birl., 76, 6215 (1954).

751 T. Wagner-Jauregg, B. E. Hackley, Jr., T. A. Lies, O. O. Owens
and R, Proper, tbid., TT, 022 (1033).

(6) J. Bjerrum, C. J. Ballhausen and C. K. Jorgensen. Acta Chem.
Scand., 8, 1273 (1954},

ammionia complex® was inferred from spectral evi-
dence and its composition was assumed to be Cu-
(NH;3);OH*. Only in the case of ethylenediamine-
tetraacetate was the constant for the formation of
the mixed complex evaluated. This was found to
have a pK of 11.3 for the reaction

CuV~ 4+ OH- = CuYOH=

The reactions of the copper—pyridine complexes
were investigated in order to throw more light on
the nature of the reactions of the copper ammines
with hydroxide. Pyridine was chosen because it
is a monodentate ligand and its activity in aqueous
solutions can be determined very easily by measur-
ing the distribution into toluene. The conven-
tional pH method of Bjerrum’ cannot be used in
the present case to determine the nature and stabil-
ity of the mixed complexes because the pyridinium
ion does not exist in appreciable quantities at the
pH values optimum for the reaction with hydrox-
ide. In Bjerrum's method the concentration of

(7) J. Bjerrum, "Metal Ammine Formation in Aqueous Solution."
P. Haase and Son, Copenhagen, Denmark, 1941,
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the pyridinium ions in the solution must be known
so that the concentration of free pyridine can be
determined using the measured pH.

It is necessary to know the stabilities of the
copper—pyridine complexes before their reaction
with hydroxide can be assessed. Bruehlman and
Verhoek? report values of 2.52, 1.86, 1.31 and 0.85
for the logarithms of the successive stepwise for-
mation constant in 0.50 M potassium nitrate, 0.100
M nitric acid and 0.0300 3 cupric nitrate at 25°.
Bjerrum and Nielsen® report corresponding values
of 2.41, 1.88, 1.14 and 0.60 in 0.50 M pyridinium
nitrate at 25°. However, because of a change in
the experimental conditions in the present work it
was deemed necessary to redetermine these con-
stants. Distribution and pH measurements both
were used to evaluate the formation constants in
0.99 M potassium nitrate, 0.030 M cupric nitrate
and 0.0110 M pvridinium nitrate at 25°.  The small
amount of pyridinium nitrate was used so that the
formation of any hydroxy complexes through reac-
tions such as

Cupy,*t* + H.O (_’ CupymOH* +
(n —m — )py + pyH™

could be detected by a discrepancy in the value of
the free pyridine concentration as measured by the
pH and distribution methods.

Experimental

Pyridine, Baker Analyzed Reagent was refluxed over
barium oxide for 6 hours and then distilled. The fraction
boiling over the range 113-114° at 743 mm. was collected.
The redistilled pyridine was stored and transferred under a
blanket of nitrogen. Solutions of known concentration
were prepared by weight from the reagent.

Copper nitrate, 0.1565 M, was prepared from the Mal-
linckrodt, Reagent Grade, product and standardized elec-
trolytically. The stock solution was made up 0.005 M
in nitric acid to prevent hydrolysis. The amount of acid
present was checked by the method of Blaedel and Panos.1?

Perchloric acid, anhydrous, 0.500 M in glacial acetic acid,
was prepared and standardized according to the directions of
Kolthoff and Bruckenstein.!!

Potassium nitrate, 3.05 M, was prepared from the Baker
and Adamson reagent grade product.

Nitric acid, 0.504 3/ and sodium hydroxide, 0.1025 M,
were prepared and standardized according to the usual pro-
cedures.

The pH measurements were made with a Beckman model
G pH meter using a 1190-80 glass electrode. The instru-
ment was standardized before and checked after a measure-
ment with Beckman buffer at pH 7.00.

All solutions were prepared with air-free redistilled water
and were equilibrated at 25.0 == 0.1°.

Absorption spectra were determined using a Cary Model
14 and a Beckman DU spectrophotometer. The Beckman
instrument was equipped with a cell compartment thermo-
stated at 25.0 & 0.2 and the Cary was in a room thermo-
stated at 25°.

The distribution measurements were made by shaking an
aqueous phase containing an initially known amount of
pyridine with 15.0 ml. of toluene. The rate of equilibration
was rapid. The equilibrium concentration of pyridine in
the toluene phase was determined by titrating an aliquot in-
troduced into acetic acid with the standard solution of per-
chloric acid. The experiments were designed so that the
equilibrium volume of the aqueous phase was 30.0 ml. A
preliminary run was made for each experiment to determine

(8) R. J. Bruehlman and F. H. Verhoek, THis JOURNAL, 70, 1401
(1948).

(9) J. Bjerrum and E. J. Nielsen, Acta Chem. Scand., 3, 297 (1948).

(10) W. J. Blaedel and J. J. Panos, Anal. Chem., 28, 910 (1950).

(11) I. M. Kolthoff and S. Bruckenstein, THIS JoURNAL, 78, 1
(1936).
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approximately the amount of pyridine transferred and in the
final run the volume of the aqueous phase was adjusted ap-
propriately. Also, it was mnecessary to know the final
volume of the toluene phase to compute the results. The
volume changes of the two plhases accompanying pyridine
transfer were calculated using values of the apparent molar
volume of pyridine which were determined to be 80 ml. per
mole in the aqueous phase and 76 ml. per mole in the toluene
phase.

The equilibrium distribution of free pyridine between the
two phases was determined in experiments in which the
copper(1I) nitrate was replaced by an equivalent amount of
barium nitrate. At a constant ionic strength of 1.0 the
distribution of free pyridine was the same within experimnen-
tal error regardless of whether the solution contained 0.030
M barium nitrate or only pyridinium and potassium ni-
trates. It was found that the equilibrium concentration of
free pyridine in the aqueous plase is given by the equation

(Py)w = 0.373 (p¥)1r + 0.064 (py)ia

The standard deviation in (py), was found to be £=0.002 A/
from the results of 14 experiments thiroughout the range of
(Py)ior from 0.028 M to 1.130 M.

The value of pK, for the pyridinium ion was found to be
5.51 for solutions in which barium ions replaced copper(1I).
As above this value was found to be independent of the type
of the electrolyte as long as the ionic strength remained con-
stant.

The Copper(II)-Pyridine Complexes.—In solutions con-
taining copper(II) the values of #, the average number of
molecules of pyridine combined with a copper(1l) ion, were
calculated from the results of the pH and distribution meas-
urements using the method outlined by Bjerrum.? The
conventional pH method was used on 13 solutions in which
the free pyridine concentration covered the range 1.5 X 10~*
to 0.0694 M (values of # from 0.057 to 2.82) and the dis-
tribution measurements were made on 17 solutions covering
the range 0.018 to 0.388 M free pyridine (s 1.87 to 4.11).12

The pH of the aqueous phase was also determined in each
of the distribution experiments. To determine whether or
not significant hydrolysis of the copper(1I) occurred in these
solutions the values of pH calculated assuming no hydrolysis
were compared with those observed. If significant forma-
tion of hydroxy complexes occurred this would result in an
increase in the pyridiniuni ion concentration and the ob-
served pH would be lower than that calculated. Tle agree-
ment between the calculated and observed values of pH was
found to be within 0.02-0.03 unit. Positive and negative
deviations were scattered randomly. This shows that in
0.030 M copper(1I) solutions the presence of 0.0110 A
pyridinium nitrate is sufficient to repress the formation of
appreciable amounts of the hydroxy complexes.

The values of # could then be calculated directly from the
data. These values showed no tendency to level off to a
value of # equal to four as the pyridine concentration was
increased. Plots of the data according to the method of
Rossotti and Rossotti!® indicated the existence of complexes
up to Cupy;™*. Letting the symbol 3, represent the over-
all formation constant for the reaction: Cu** + npy =
Cupy,**, values of 8; and 8; were evaluated from the plots
using the method of least squares to effect the extrapolation.
Values of 83, 8; and 8; were obtained by using the method of
least squares to obtain three simultaneous equations. The
values so calculated are 392, 2.14 X 10*4, 8.5 X 105, 3.5
X108 and 1.0s X 107 for By, ... Bs, respectively. Values of #
calculated using these constants agree with those observed
with an average deviation of =29 in the range of # from 4.11
to02.9, +1.89, in the range 2.6 to 1.0 and £3¢; in the range
0.86 to 0.056.

Absorption spectra were determined for solutions of the
aquo copper(II) ion and eleven solutions covering values of
7 from 0.34 to 4.1. These spectra were resolved into those

(12) At the higher values of 7, the distribution method was found
to be more precise. At a value of # equal to four, the error of about
1% in the determination of the free pyridine concentration introduces
an error of about 3% into the calculated value of #. At this same value
of #, an error of 0.02 pH unit in determining the pH introduces an
error of 183%, into 7. On the other hand, at the low values of 7 the
pH measurements are better because the titration errors in the distribu-
tion experiments assume relatively large importance.

(13) F.J. C. Rossotti and H, S. Rossotti, Acta Chem. Scand., 9, 1168
(1955).
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of the complexes.  To dathis a plot was made at each cliosen
wave length of the absarbatce os. —log (py)w. .\ smooth
curve was drawn through the points and values from this
curve together with the equilibrium constauts reported above
were tsed to obtain five simultaneous equations which were
solved for tlie extinetion coefficients of tlie complexes. Tle
resolved spectra are shown in Fig. 1. Values of the ab-
sorbance of nixtures of the complexes calculated from the
cquilibrium constants and the values in Fig, 1 agree with
those observed within 1-29%.

L.
800

L
700
n M.

600

Fig. 1.—The absorption spectra of the copper(I1)--pyridine
complexes.

The Reaction with Hydroxide.—Most of the solutions
for the study of the reaction witl hydroxide were prepared in
tlie saine manner as those described above except the nitric
acid was omitted, varying ammounts of standard sodium liy-
droxide were added and the final solutions were made 1.00
M oin potassitun nitrate.  Several additional distribution
nieasurements were made on solutions which were 0.060 17
i:1 copper nitrate and 0.91 M in potassitin nitrate.

It was found that the amount of sodium hydroxide taken
up by the solution before the appearance of a precipitate
{cupric hiydroxide or basic nitrates) depends greatly on the
concentration of free pyridine in the solution. Only in
those solutions in which the cotcentration of free pyridine
was 0.13 1/ or greater was it possible to add sufficient hy-
droxide witliout precipitation to obtain interpretable results.
The amount of hydroxide that is held in dilute pyridine
solutions was found to be less than one mole per mole of
copper. However, in 10 )/ pyridine, 0.030 A/ copper ni-
trate it was found possible to titrate the copper with a solu-
tion of sodium hydroxide and obtain no precipitate until the
molar ratio of hydroxide to copper reached 1:1.

The details for the experiments carried out in dilute
pyridine solutions are given in Table I.
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CupymOH . The value of % can be obtained nsing the
equations
(CupymOH*1 = [OH "] — [HNO;] + (pyH™)
(Cupyn™7) = {Cu7"] — (Cupy.y OH™)

P [pyle = #(Cupyn~7) — (pyi1e — (pyl™)
(CupymOH ™)

where tlie quantities in brackets refer to total concentrations
and the quantities in parentheses refer to equilibrium con-
centrations. The pyridinium ion arises from hydrolysis
and its concentration was calculated from pA, and the nicas-
ured values of pH and concentration of pyridine, (py;iu.
The nitric acid is fromn the copper nitrate stock solution.
The value of # was calculated using the experimental values
of (py). and tlie formation constants deterinined above.

The results of the caleulations of # are presented in Table
I. The deviation is calculated on the basis of an crror of
£2¢, in the value of 7.

In solutions (0.030 M in copper(1I) the value of & comes
close to 2 within the experiimental error.™  Also, the values
of 7 show 1o trend with increasing concentration of pyridine.
Therefore, only one mixed complex of the general formula
Cupy;OH ' appears to be formed under the present experi-
mental counditions.

Apparent equilibriuin constants, A, and A, were calcu-
lated assumning mononter and dianer formation for the
equilibria

Cupysy~ " + OH™ <__> CupysOH ™~ + pyv

and
Cupy: ™+t 4+ OH~ <__> LopyyCu(OHNCupys ™~ + pyv

These ‘‘constants’’ are also reported in Table I, Concen-
tration units were used except for the hydroxide ion which
is in terms of activity. Tlie values of K, show less relative
deviation than do those of Km. Also, better agreement is
observed with the K, values wlhen comparing the 0.030 and
0.080 A copper(ID) solutions. The most conviucing evi-
dence favoring the dimer formulation lies in the agreciment
discussed above between the calculated and observed values
of pH in the distribution determination of ». The magni-
tude of Ku is such that the experimental values of pH should
have been appreciably lower than those calculated. The
value of K, is of tlie correct order to agree with the observa-
tions. The difference lies in the fact that the dimer cou-
centration varies inversely as the square of tlie hydrogen ion
concentration and, therefore, the change of about one pH
unit in the experimental conditions exerts considerable effect
on the dimer concentration.

Absorption spectra were determined for solutions 5, 6 and
10 of Table [ and for a solution containing 0.0313 1/ copper
nitrate, 0.496 7 pyridine and 0.0205 37 NaOH in 1.0 1/
KNO;. Tor each solution the absorbunce due to py.Cu-

TaBLE [

Tue Reaction oF HyDRoOXIDE wiTH CoPPER(IL) 1N SoLUTIONS CONTAINING PYRIDINE

(pyH "), (Cupy<OH Dz,

(pyiw. Ihylw. moles [, 71 moles Cu
Lxp. molesl 77 malesl ~¢ PH X 10 -4 1.t

1 0.135 ().228 7.39 1.77 0.0076
2 217 321 7.68 1.46 L0073

} 220 317 7.71 1.39 01068
-4 223 .314 7.95 0.80 L0135
&) 31u 407 5.02 0.95 L0102
3} 311 106 8.18 0.66 L0134
v 400 506 8.19 0.83 L0101
5 341 07T T 1.76 .0101
a9 345 D73 7.80 1.76 L0135
14 348 .69 7.89 145 L0166

Calculations.—The results of the titration in 10 1/ pyri-
dine show that copper and hydroxide react in the molar ratio
of 1:1 to form a soluble complex. This stoichiometry is that
most likely to be miaintained in the experiments described
in Table I as in these solutions there was always an excess
of copper over livdroxide. Then analogous to the definition
of #, the average composition of tlie hydroxy complexes
present ju o solntion cun be represented by tiie formula,

(Cupyn " 7)), Km Ka
moles 1, -1 N az W X 107" X 10-6
n.0224 3.39 0.51 2.0£0.2 3.7 3.0
L0227 3.74 38 2.4 £ 2 3.9 3.2
0103 3.76 .38 2.2 % 1 6.2 4.3
L0165 3.76 .38 2.1 =& 1 5.4 3.3
L0198 1.00 .28 1.7 .2 5.4 3.8
0166 4.00 28 2.1 % 1 5.9 3.6
L0199 4.18 2.2 & 2 6.3 4.4
. 0499 1.06 (3.1) 5.3 3.8
L0465 1.08 (2.7) 6.4 3.9
L0434 4.08 (2.6) 6.9 3.8
Av, 5.5 3.7

(14) 1n the solutions containing 0.060 M copper(II) the valuwes of
w7 are slightly higher. These latter values are not as reliable because
only slight changes in the distribution coefficient of pyridine ar in the
equilibrinm constants with the slightly different conditions would
bring about appreciable changes in w. The equilibrium constants
calculated from the results in 0.060 1/ solutions reflect these slight
changes much less and can be compared directly with those caleulated
foor the 0.030 M crmperiT11 solutions,
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(OH)»Cupy: ™" was obtained by subtracting the calculated
absorbance of the aquopyridino complexes from the ohb-
served absorbance. On a molar basis the resulting spectra
are identical within the experimental error. In the visible,
the curve consists of a single broad peak with a maximum
at 625 mu having an extinction coefficient of 57 £ 2 (mole
copper)~! 1. cm. ! (the extinction coefficient based on the
dimer concentration is twice this value). The resolved
absorption spectrum agreed very closely with that obtained
directly for a 0.014 M solution of the dimer in 10 M pyridine.
This latter spectrum exhibits a maximum at 625 mu with an
extinction coefficient of 61 (mole copper)~'1. em. . Con-
sidering the fact that in the former experiments all errors are
lumped into the calculated extinction coefficients, the agree-
ment is very good and lends support to the interpretation of
the equilibrium data.

In addition, the absorption spectrum of the dimer has a
very intense maximum at about 320 mu. This was not in-
vestigated in greater detail, however.

Discussion

It is not surprising that the earlier workers®®
did not report the existence of Cupys;*+ as this is
formed in a region where not much reliance would
be placed on the results of ordinary pH measure-
ments with the glass electrode. The pyridine sys-
tem is not unique as the ammonia and ethylenedi-
amine—copper(II) systems also take up a fifth
nitrogen®”%1 but with less ease.  For example the
value of the stepwise constant, K;, for the formation
of the pentammine from the tetrammine is 0.33
with ammonia® but is 30 with pyridine.

The spectral changes accompanying the uptake
of the fifth ligand are also different with pyridine
than with ammonia and ethylenediamine. These
latter systems show a progressive shift of the
absorption maximum to the blue with the uptake of
successive ligand but with the addition of the fifth
group a shift back toward the red is noted.®® With
pyridine the shift continues toward the blue with
the uptake of the fifth group.

Qualitatively, the difference in the values of Kj;
can be correlated with the positions of the absorp-
tion maxima of the pentammine on the basis of ar-
guments taken from the crystal field theory.®%7
The position of the absorption maximum reflects
the contribution to the stability of the molecule
caused by the splitting of the 3d orbitals of the
metal ion by the field of the ligands. This energy
is seen to be more favorable with pyridine than am-
monia, resulting in a larger value of K;. On this
basis the copper—pyridine system is similar to the
copper—dipyridyl and 1,10-phenanthroline systems
which have been classified by Bjerrum and Jorgen-
sen!” as normal octahedral systems of codrdination

(15) J. Bjerrum, Kgl. Danske Videnskab Selskab, Mat.-fys. Meild..
11, No. 10 (1932); 12, No. 15 (1934).

(16) L. E. Orgel, J. Chem. Soc., 4756 (1952).

(17) J. Bjerrum and C. K. Jorgensen, Rec. trav. chim., T8, 638
(1956).
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number 6. For the reaction
2Cu*tt + 4py + 20H~ (_; pyvyCu(OH),Cupy.™*

the concentration constant is calculated to be 5.1 X
1024, This value was calculated using the values
of K4 and B; reported herein and a value of 0.59 for
the square of the hydroxide ion activity coefficient
assuming this to be equal to the quantity ynyon,
am,o as reported by Harned and Owen.*®

The aquo copper(II) ion also hydrolyzes to form
a dimer,!® the value of pK being 10.6 for the reac-
tion

2Cu*+t + 2H,0 = Cu(OH),Cu~* + 2H~

The analogous reaction in the copper—pyridine svs-
tem is

2Cupys** 4+ 2H,0 <__> py=-=Cu(OH),Cupy.** + 2H*

with a value of pK equal to 11.5 calculated using
1.7 X 107! as the value of the concentration prod-
uct of water.’® Thus, as might be expected the
acidity of the dipyridinocopper(II) ion is less than
that of the aquo ion.

The spectral changes occurring in the visible re-
gion with the formation of the hydroxy complex
are similar with pyridine to those reported for 1,-
10-phenanthroline* and ethylenediaminetetraace-
tate.? No great change occurs in the position of
the absorption maximum but the height of the
maximum decreases with the uptake of the hydrox-
ide ion. The position of the absorption maximum
is not different in 10 M pyridine. This does not
necessarily mean that the hydroxy complex does
not take up more pyridine but may indicate that
the binding is not strong as is the case with Cu-
(NH;)s++.5  The results with ethylenediamine® and
ethylenediaminetetraacetate® lead one to expect
higher complexes with higher pyridine concentra-
tion.

The very intense absorption maximum at about
320 my exhibited by the hydroxypyridine complex
is more likely due to charge transfer. The hy-
droxy ammonia complex exhibits an intense ab-
sorption in this same region. Very likely, the com-
position of this complex is similar to that of the py-
ridine complex.
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