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appears that Adamson, Welker and Wright have 
extrapolated the former workers results to changes 
in cold solutions on standing; however, the experi­
mental conditions differ greatly in these two cases. 

This investigation should be regarded as only a 
preliminary study on photodissociation in complex 
cyanide systems but it is of interest in that it gives 
further examples of slow dissociation in inorganic 
compounds. 

As a preliminary empirical classification, it may 
be stated that those complex cyanides which are 
relatively unreactive toward acids, (e.g., potas­
sium hexacyanoferrate(II), potassium hexacyano-

Introduction 

Little is known about the absorption spectra of 
metallic chelate compounds. Smith, et al.,2 report 
that a number of such compounds show intense 
visible bands differing considerably from their or­
ganic ligands, and central metallic cations. Mellor, 
et al.,3 found that the Ni chelates of square-planar 
dsp2 covalent structure show a characteristic band 
near 400 mjt which is lacking in the Ni chelates of 
sp3 ionic structure. 

In earlier studies on the metallic complex salts of 
2,2'-dipyridyl and 1,10-phenanthroline, K. Yama-
saki and his collaborators4 reported that the visible 
and ultraviolet absorption spectra of the aqueous 
solutions were generally composed of: (A) weak 
absorption bands (log e 0-2) in the visible and near 
ultraviolet regions, characteristic of the central 
metallic cations, and similar to those bands ob­
served in the hydrated and amine cations of the 
same metals; (B) very strong absorption bands 
(log e 4-5) in the ultraviolet region which were due 
to the organic ligand molecules and which were 
shifted somewhat toward longer wave lengths than 
the original positions found for the free ligand mole­
cules. 

They also reported that both bands were present 
in such chelates as those of Co(II), Co(III), Ni and 

(1) Chemical Laboratory, Aichi College of Liberal Arts (Aichi-
Gakugei-Daigaku), Higashiku, Nagoya, Japan. 

(2) G. M. Smith, et al., T H I S JOURNAL, 62, 1669 (1940); 63, 3071 
(1941); 61, 1650 (1942); however, many of their observed bands 
might presumably be attributed to the deformed ligand bands dis­
cussed in this article. 

(3) J. B. Willis and D. P. Mellor, ibid., 61, 181 (1942); 69, 1237 
(1947); H. A. MacKenzie, D. P. Mellor, J. E. Mills and L. N. Short, 
/ . Proc. Roy. Soc. New South Wales, 78, 70 (1944). 

(4) E . Yamasaki, Bull. Ckem. Soc. Japan, 18, 390 (1937); 14, 538 
(1939); IS, 130, 461 (1940); K. Yamasaki, H. Yokoi and K. Sone, 
J. Chem. Soc. Japan, Pure Chem. Sect., 6», 137 (1948); C. A., M, 9295 
(19S0). 

ferrate(III), potassium hexacyanocobaltate(III) 
and potassium octacyanomolybdate(IV)), show a 
photodissociation effect, while those that are fairly 
easily decomposed by acids {e.g., potassium hexa-
cyanochromate(III) and potassium hexacyanoman-
ganate(III)), show no such effect. 
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Cu, while in the case of Zn and Mn chelates only 
the latter (B) was observed. In the case of Fe(II) 
and Fe(III) chelates, a completely new type of ab­
sorption band, considerably stronger and quite 
different from those of Fe(II) and Fe(III) ions, ap­
peared in the visible and near ultraviolet regions. 

The author5 found that a number of other Fe(II) 
chelates also showed the same type of bands, and it 
was assumed that the formation of some sort of an 
unsaturated five-membered intramolecular ring 
containing ferrous ion acts as a chromophore to pro­
duce such absorption bands. 

Studies on the absorption spectra of the metallic 
acetylacetonates carried out by the author and his 
collaborators,6 showed that the above-mentioned 
classification of absorption bands A and B was ap­
plicable, and that the Fe(III) chelate also showed a 
very anomalous absorption curve. Moreover, it 
was found that the shift of the band of acetylace-
tone at 273 van produced by chelate formation was 
larger for the more stable trivalent chelates than for 
the divalent ones which are mainly of ionic charac­
ter, and that for the divalent chelates, the magni­
tudes of these shifts were found to be in the order7: 

Cu > Ni > Co > Zn 

(5) K. Sone, Bull. Chem. Soc. Japan., 25, 1 (1952). 
(6) K. Sone, I. Miyake, H. Ktiroya and K. Yamasaki, J. Chem. Soc. 

Japan, Pure Chem. Seel., 69, 70 (1948); K. Yamasaki and K. Sone, 
Nature, 166, 998 (1950). 

(7) The ultraviolet spectra of the divalent chelates can be considered 
as the deformed ligand band, although in the Cu chelate a new band 
appears at ca. 245 m/i. The Cu chelate does not obey Beer's law in 
the near ultraviolet region, and also shows a weak band at 640 m/i 
which is due to the Cu ion. Similar but weaker bands were observed 
also for Ni and Co(II) chelates. The ultraviolet spectra of trivalent 
chelates are very different from those of the divalent ones, and generally 
two bands appear at ca. 270 and 300-330 mu, both of which might 
be considered to be the ligand band extremely deformed from its origi­
nal position. The visible and near-ultraviolet weak bands of Co(III) 
and Cr are those of the central cations; the band of the Fe(III) 
chelate in this region is quite anomalous as described in the text. 
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This paper points out that the absorption bands of about twenty chelate compounds of Co, Ni, Cu, Pd, Fe and other 
metals can be generally classified into (A) weak bands of the central metallic cations, and CB) strong bands due to the ligands. 
In some cases other band types appear. The formation of some of these anomalous bands may be due to the formation of a 
certain chromophore containing the metals, such as the band of covalent Ni chelates (Mellor, et al.) or some of the ferrous 
chelates indicated by the author. In some cases it is possible to indicate a connection between the extent of the shift of the 
ligand band caused by chelate formation and the stability of the chelate complex. 
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X, m,u (A). 

300 250 

90 120 

v, sec.-1 X 1018. 
Fig. 1.—a, acetylacetone; b, Cu-(acac)»; c, Ni-(acac)2; 

d, Co-(acac)2; all in alcoholic solutions (acac = acetyl­
acetone). The curve of Zn-(acac)2 is similar to d except 
a slight shift to shorter wave length. Cell length, 1 cm.; 
Beckman DU quartz spectrophotometer; slit width, 0.04 
mm. at 600 m,u, 1.5 mm. at 300 ran; temp., 15-20°; concn., 
1 X 10 -* - 2 X 10 ~6 mole. 

90 

v, sec."1 X 1013. 
Fig. 2.—a, acetylacetone; b, Cr-(acac)s; c, Co-(acac)s; 

d, Fe-(acac)3; all in alcoholic solutions (acac = acetyl­
acetone). Cell length, 1 cm.; Beckman DU quartz spec­
trophotometer; slit width, 0.04 mm. at 600 mn, 1.5 mm. at 
SnOniju; letup , 15-20°; ronon. 1 X 10-» to 2 X J0-« mole. 

This paralleled with the order of the chemical 
stabilities, i.e., the strengths of coordinate links in 
these chelates, determined by chemical means and 
by the measurements of stability constants by 
Mellor and Maley.8 These workers showed that 
the stabilities of the metallic acetylacetonates, 8-
quinolinolates and salicylaldehyde chelates all di­
minish in the order (cf. Figs. 1-27) 

Pd > Cu > Ki > Co,Zn > Cd > Fe > Mn 

Stable <— — > • Unstable 

The visible and ultraviolet absorption spectra of 
the chloroform solutions of some 20 chelate com­
pounds containing 8-quinolinol, salicylaldehyde, 
salicylaldoxime, salicylaldimine, dimethyl- and di : 

phenylglyoxime have subsequently been studied, 
and the results are reported in this paper. 

Absorption Spectra of Metallic 8-Quinolinol 
Chelates.—The absorption spectra of 8-quinolinol 
in various media were measured and were generally 
consistent with those of Ewing and Steck, and 
Stone and Friedman.9 

In neutral solution, 8-quinolinol shows a band at 
ca. 310 ran, in acid media it is shifted and split to 
310 and 355 mju and in alkaline media to ca. 350 
ran- The chloroform solutions of 8-quinolinol che­
lates of Pd, Cu, Co(II), Co(III), Mn, Zn, Cd and 
Cr have a definite band at longer wave lengths 
(370-430 nut), together with a second band at ca. 
320-340 ran, the latter being very diffuse (in Co(II), 
Mn, Zn and Cd chelates) or weak (in Pd, Cu, 
Co(III) and Cr chelates) as compared with the 
former (Fig. 3). 

From its shape, position and intensity, the band 
at 370-430 ran is supposed to be the ligand band, 
strongly shifted and deformed from its original po­
sition of 310-350 ran, and the order of its deforma­
tion is 

Pd > Cu > Co(II) > Mn > Zn1Cd 

max. 432 412 406 396 373 ~ 375 m^ 

This order is nearly the same as the stability se­
ries of Mellor and Maley for these chelates, i.e., the 
same approximate relationship between the ligand 
band shift and coordination stability found in the 
acetylacetonates is observed. 

The bands of Co(III) and Cr are located at 420 
ran, and, when they are compared with the similar 
bands of 8-quinolinol chelates of Al, Ga, In and Tl 
(390-400 ran),10 it can be seen that the greater 
stabilities of the former chelates are accompanied 
with larger band shifts in the case of these octahe­
dral, trivalent chelates. 

The curves of Ni and Fe(III) chelates are very 
anomalous. The former shows absorption bands 
at 340 and 455 ran, while the latter shows bands at 
370, 470 and 580 ran, i-e., at much longer wave 
lengths than all the other chelates studied (Fig. 3). 
Although the origin of all these anomalous bands is 
not yet clear, similar anomalies have been encoun-

(8) D. P. Mellor and L. E. Maley, Australian J. Sci. Research, 2A, 
92 (1949). 

(9) K. Sone, J. Chem. Soc. Japan, Pure Chem. Sect., 70, 63 (1949); 
G. W. Ewing and E. A. Steck, T H I S JOURNAL, 68, 2181 (1946); K. 
G. Stone and L. Friedman, ibid., 69, 209 (1947); cf. also J. P. Phillips 
and L. L. Merritt, Jr., ibid., 71, 398S (1949). 

(10) T. Mocller and A. J. Cohen, ibid., 72, 3546 (1950); cf. also T. 
M.,pll,.r. JHd. Ens. Ckttn., Anal. Rd., IS. 34P, (UUZ). 
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tered previously with other Fe(III) chelates (c/. 
Introduction). This seems to suggest the exist­
ence of some common origin for all such anomalous 
absorption bands shown by Fe(III) chelates and 
needs further study. 

The former data of Moeller10 on Cu and Fe(III) 
chelates coincide approximately with that of the 
author, whereas those on Co(II) and Ni chelates are 
rather different. As far as the metallic chelates of 
the substituted 8-quinolinols are concerned, Phil­
lips and Swank11 measured the absorption curves of 
Fe(III) chelates of 8-quinolinol-5-sulfonic acid and 
7-iodo-8-quinolinol-5-sulfonic acid, and found that 
anomalous absorption bands peculiar to Fe(III) 
chelates appeared at 445 and 580 my in the former 
compound and at ca. 610 my in the latter, respec­
tively. 

Absorption Spectra of Metallic Salicylaldehyde 
Chelates.—The absorption spectra of salicylalde­
hyde as measured by Morton and Stubbs, Daub 
and Vandenbelt, and Lemon,12 have an absorption 
band at 325 my in neutral, and at 378 my in alka­
line media. The absorption curves of the Cu, Ni 
and Co salicylaldehyde chelates between 265 and 
450 ray were quite similar in shape to that of the 
free ligand molecule in neutral media, with a strong 
band at 330-332 my (log e 3.75-3.9), whereas in the 
Cu and Ni chelates a large inflection was observed 
at ca. 400 my (log e ca. 2.5). No definite relation 
could be established between the shapes of these 
very similar curves and the stability series of MeI-
lor and Maley. The origin of this similarity of ab­
sorption curves for various metal chelates can be 
explained by the assumption that the metal-ligand 
coordinate links in these chelates are relatively 
weak, and do not produce large differences for dif­
ferent metals. In fact, Calvin and Wilson13 and 
Mellor and Maley8 showed that the chelates of va­
rious metals with salicylaldehyde are more unstable 
than those of acetylacetone and 8-quinolinol.14 

Absorption Spectra of Metallic Salicylaldoxi-
mates and Salicylaldiminates.—The absorption 
spectrum of salicylaldoxime in an alcoholic solu­
tion has two maxima at 305 and 265 imt, while Pd, 
Cu, Ni and Co chelates generally show two absorp­
tion bands at the longer wave lengths (Fig. 4). 
The curves for the Pd, Cu and Ni chelates are very 
similar, and in each case the position of the two 
maxima is shifted from the original position of the 
ligand bands to longer wave lengths in the following 
order: 

max. 
Ni 
305 
388 

> Pd 
275 
376 

> Cu 
270 
346 m^ 

If it is assumed that these bands are the deformed 
ligand bands as in the case of 8-quinolinol chelates, 
it can be expected that the stability of the chelates 
increases in this order from Cu to Ni. The higher 

(11) J. P. Phillips, T H I S JOURNAL, 72, 3159 (1950); H. W. Swank 
and M. G. Mellon, Ind. Eng. Chem., Anal. Ed., 9, 407 (1937). 

(12) R. A. Morton and A. L. Stubbs, J. Chem. Soc, 1347 (1940); 
H. W. Lemon, T H I S JOURNAL, 68, 2998 (1947); L. Daub and J. M. 
Vandenbelt, ibid., 71, 2416 (1949). 

(13) M. Calvin and K. W. Wilson, ibid., 67, 2003 (1945). 
(14) It may be noted here that the Ni and Co chelates were di-

hydrates and that in the case of Cu chelate a wiak ba.id was observed at 
c»». 700 mp (log * ^ 1) which teems to be due to th« 6u itin. 

60 90 
v, sec."1 X 101S. 

Fig. 3.—a, Cu(oxin)2-2H20; b, Co(oxin)2-2H20; c, 
Zn(oxin)2-2H20; d, Ni(oxin)2-2H20; e, Cr(oxin)3; f, 
Fe(oxin)3 all in chloroform (oxin = 8-quinolinol). The shapes 
of the spectra of Pd(oxin)2-2.5H20, Mn(oxin)2-2H20, 
Cd(oxin)2-2H20, and Co(oxin)3 are similar to those of the 
Cu, Co(II), Zn and Cr chelates, respectively, (a) The ab­
sorption curves of Pd, Cu, Co(III) and Cr chelates in their 
alcoholic solutions were quite similar to those in chloroform 
solutions, excepting a shift of ca. 15 m/t of the principal 
maxima toward shorter wave lengths in the former case, 
(b) In addition to those bands shown in this figure, 
weak absorption bands (log e < 2) were observed for some 
chelates in the visible region, although closer studies of 
these bands were made difficult by the generally slight 
solubilities of such chelates in chloroform or other organic 
solvents. These bands are probably due to the central 
metallic cations, and similar bands are often observed 
among other chelates (see later). Cell length, 1 cm.; 
Beckman DU quartz spectrophotometer; slit width, 0.04 
mm. at 600 m/x, 1.5 mm. at 300 mix.; temp., 15-20°; concn., 
1 X 10-4 to 6 X 10 ~5 mole. 

stability of the Ni chelate, indicated in this way, 
seems to be of considerable interest with regards to 
the magnetochemical observation3 that this chelate 
possesses the square-planar dsp2 covalent structure 
unlike the Ni chelates of acetylacetone, salicylalde­
hyde and 8-quinolinol, all of which have the sp3 

ionic structure. However, the band of the Ni che­
late at 388 ray can also be explained as the new type 
of absorption band which Mellor, et al.,* have ob­
served for a number of Ni chelates and considered 
to be characteristic of the Ni chelate with dsp2 co­
valent structure, and it is also possible for this band 
to be the superposition of the two, i.e., the deformed 
ligand band and this new band of Mellor, et al., the 
view being supported by the somewhat split appear­
ance of this band near the maximum position. 
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X, m^. 
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60 
v, sec."1 X 1013. 

Fig. 4.—a, salicylaldoxime in alcohol; b, Ni-(salicylal-
doxime)j c, Pd-(salicylaldoxime)2 d, Cu-(salicylaldoxime)2; 
e, Co(salicylaldoxime\. b-e in chloroform. Cell length, 1 
cm.; Beckman DU quartz spectrophotometer; slit width, 
0.04 mm. at 600 mp, 1.5 mm. at 300 im*; temp., 15-20°; 
concn., 1 X 10~2 - 5 X lO"6 mole. 

The curve of the Co chelate is somewhat anoma­
lous composed of a strong band at ca. 303 m/i and a 
large inflection at ca. 370 m/z. The strong continu­
ous absorption of this chelate in the visible and 
near ultraviolet region is peculiar and may be at­
tributed to the partial oxidation of the cobalt to 
trivalent state in solution, although the curve was 
fairly reproducible in repeated experiments. 

The weak absorption bands of Cu and Ni che­
lates at 665 and 625 ran, respectively, are due to the 
central metallic cations in each chelate. 

The absorption curves of salicylaldimine chelates 
of Cu and Ni are similar to those of salicylaldoxime 
(Fig. 5), and here again the band of Ni chelate at 
ca. 410 ran may be identified as that of covalent Ni 
chelates pointed out by Mellor, et al. The band 
shown by the Cu chelate at 570 ran is due to the 
copper ion.16 

Absorption Spectra of Metallic Dimethyl- and 
Diphenylglyosrimates.—The absorption spectrum 
of neutral solution of dimethylglyoxime shows 
only a continuous absorption in the ultraviolet 
region, which shifts in alkaline solutions to longer 
wave lengths, forming a broad band at ca. 260 m/i. 

(13) If it is assumed that the band at 320-340 mn of the Ni chelate 
corresponds to that of the Cu chelate at 363 run, it follows that the 
stability relationship for these chelates would be Cu > Ni, i.e., the re­
verse of that of the salicylaldoximatea. It will be of interest to check 
these results with other methods. 

90 120 
v, sec."1 X 101 

Fig. 5.—a, Cu-( salicylaldimine); b, Ni-( salicylaldi­
mine; both in chloroform; cell length, 1 cm., Beckman 
DU quartz spectrophotometer; slit width, 0.04 mm. at 600 
m/i, 1.5 mm. at 300 im*; temp., 15-20°; concn., 1-1.6 X 
10~4 mole. 

It was observed by Feigl16 that the Ni dimethyl-
glyoximate, which is red in its solid state (and also 
in its colloidal solutions described by Juza17), 
showed yellow coloration when dissolved in chloro­
form or in some other solvents, thus presenting a 
striking color change with its state of dispersion. 
Thus, absorption measurements of this chelate 
were carried out: (A) in its chloroform solution 
(yellow), (B) in its colloidal solution (red) con­
taining gelatin as the stabilizing agent, and (C) in 
its crystalline state (red), with the powder-reflec­
tion method. 

The curve of the chloroform solution (Fig. 6) is 
very complicated; three new maxima appeared at 
420, 375 and 328 ran, among which the band at 
375 ran was the most pronounced and, judging from 
its position and intensity, this band probably 
belongs to the same category of bands mentioned 
by Mellor, et al., for covalent Ni chelates. 

The curves for the solid crystals and the colloidal 
solution are nearly identical and show distinct 
bands at ca. 550 and 405 m^, the latter corre­
sponds probably to the band at 375 ran of the chlo­
roform solution; but the band at 550 m/u is quite 
different in its shape, position and intensity from 
the bands of the chloroform solution, and it is 
highly probable that this new band is produced from 
some new electron transition which accompanies 
the closer interaction of the chelate molecules in 

(16) F. Feigl, "Chemistry of the Specific, Selective and Sensitive 
Reactions," Academic Press, Inc., New York, N. Y-, 1949. 

(17) R, Juza and R. Laogheim, Angrw. Cktm., BO, 255 (1637). 
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the crystal lattice or particles composing the col­
loidal solution.18 

The Pd dimethylglyoximate shows a broad band 
at 383 m/i, and also a strong band at 276 m/j, which 
is probably due to the ligand molecule. Since the 
position of the latter is shifted to longer wave 
lengths than that of the Ni chelate (situated prob­
ably at ca. 265 nut), it can be supposed that the 
stability of the Pd chelate is higher than that of the 
Ni chelate. In fact, it is known that the Pd che­
late is more stable to dilute mineral acids than the 
Ni chelate.16 

The spectrum of the Ni diphenylglyoximate in 
chloroform is similar to that of Ni dimethylglyoxi­
mate, showing distinct bands at 407, 358 and 275 
m,u. The positions of bands are shifted toward 
longer wave lengths, and their intensities are also 
increased, in contrast to the dimethylglyoximate. 
These facts indicate the increased mobility of elec­
trons in this chelate as the result of the introduction 
of the 7r-electron systems of phenyl groups into the 
resonance system of the chelate molecule. 

The absorption spectrum of Ni dimethylglyoxi­
mate in colloidal solution was measured earlier by 
Juza and Langheim,17 and the recent results of Fer­
guson and Banks19 on the spectra of the colloidal 
solutions of analogous dioximates are similar to 
those of the present author. 

Experimental 
Preparation of Materials.—The 8-quinolinol chelates of 

Fe(III), Pd, Cu, Ni, Co, Zn and Cd were prepared by the 
usual analytical procedures,20 and dried at room tempera­
ture. The 8-quinolinol chelates of Co(III) and Cr were 
prepared according to Ablov,21 whereas the salicylalde-
hyde, salicylaldoxime and salicylaldimine chelates were 
made according to Tyson, Adams and Ephraim.22 The 
glyoximates were prepared by conventional analytical 
methods, and the colloidal solution of the Ni dimethyl­
glyoximate by Juza's method. All the prepared chelates 
were dissolved in hot chloroform, cooled and subjected to 
spectral measurements as promptly as possible. 

Spectral Measurements.—A Beckman DU spectropho­
tometer was used throughout the study of ultraviolet re­
gions, excepting some earlier data made with the Spekker 
spectrophotometer. Some data in the visible region were 
obtained and the powder reflection spectrum of Ni dimethyl­
glyoximate was obtained with a self-constructed spectro­
photometer composed of a RCA-931A multiplier phototube 
and a wave length spectrometer, the accuracy of which was 
about ± 2 imi in wave length and ± 3 % in extinction scales. 
For measurements of powder reflection spectra, the pow­
dered sample painted on a white paper was supported ob-

(18) The author formerly considered the apparent similarity be­
tween the absorption curve of this colloidal solution and that of the 
Fe(II) dimethylglyoxime chelates as being due to their analogous elec­
tronic systems.6 However, if the above-mentioned color difference of 
the Ni chelate is taken into account, this explanation seems somewhat 
dubious. 

(19) R. C. Ferguson and C. V. Banks, Anal. Chem., 23, 448 (1951). 
(20) R. Berg, "Die analytische Verwendung von o-Oxychinolin 

"Oxin" und seiner Derivate," Ferdinand Enke, Stuttgart, 1938. 
(21) A. Ablov, Bull. soc. chim. France, S3, 234 (1933). 
(22) G. N. Tyson and S. C. Adams, T H I S JOURNAL, 62, 1228 (1940); 

F. Ephraim, Ber., 61, 1215 (1931). 

90 

v, sec."1 X 1013. 
Fig. 6.—a-b, dimethylglyoxime, a in alcohol, b in 0.05 M 

KOH; c-e, Ni-(dimethylglyoxime), c in chloroform, d in 
aq. colloidal solution, e, powder reflection curve; f, Pd-
(dimethylglyoximejs; g, Ni-(diphenylglyoxime); f-g in 
chloroform. Relative absorption in the powder reflection 
curve was measured as log JO/JR where Jo and JR are the 
reflection intensities from white and painted surfaces. 
Cell length, 1 cm., Beckman DU quartz spectrophotometer; 
slit width, 0.04 mm. at 600 m,u, 1.5 mm. at 300 nut; temp., 
15-20°; concn., dimethylglyoxime and its complexes with Ni 
and Pd 2-3 X 1O-4 mole, diphenylglyoximate of Ni, 2.5 X 
1O-6 mole. 

liquely in front of the spectrometer slit, and the reflected 
light from a 60-watt electric bulb was introduced into the spec­
trometer. The readings of the photocurrent were then 
compared with those of the white paper used as the blank 
test. 

The absorption measurements at wave lengths shorter 
than ca. 260 nni were made difficult by the strong absorption 
of chloroform. 

The slight solubilities of many of the investigated chelates 
in chloroform made the preparations of sample solutions of 
accurate concentrations in many cases rather difficult, pro­
ducing the probable error of ca. ±10% in the extinction 
readings. However, the shape and band positions of each 
curve were satisfactorily reproducible in most cases. 
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