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Î  INTRODUCTION 

In general, a stable, metal-ligand complex is formed 

n^en the metal is coordinated between one or more favorable 

electron-donating atoms or functional groups. Of particular 

interest are those systems in which a ring complex is form

ed, or a so-called "chelate-ring system''• Many functional 

groups coordinate with metal ions, but the most numerous 

contain ni trogen or oxygen. The pyridyl ketoximes (I) belong 

.R 

NOH 

(I) 

to a class known as ofdiimines, in which complex formation 

occurs between the two nitrogen atoms. The pyridylketoximes 

also belong to a group of complexing reagents which contain 

the "ferroin" structure (II), such as in the l;10-phenan-

N 

C •••'' C . 

(II) 

throlina, blpyrldyl, and rlc-dioxlme series. 



The properties of a number of pyridyl katoxime com

plexes have bean invaetigated, including 2-pyridinealdoxime 

(11,19,14,25), methyl 2-pyridyl katoxime (2,6,25), phenyl 

2-pyridyl katoxime (16,23,24,26), pyridine 2,6-dialdoxirae 

(1,13,16), and 6-methyl-2-pyridinaaldoxime (3,15,25). 

It has been observed that the properties of many com

plexes are dependent upon the nature of -R (I), a non

functional group contained within the complexing reagent. 

The present investigation was undertaken in order to be 

able to oonpare the nature of the coaplaxas formed as such 

a non-functional group was ayatematioally altered. The 

system used for conparlson was the pyridyl katoxime series 

in v^ich the R group (I) was: -H (a), -CH3 (b), -CH2-CH3 (c), 

-.CH2-CH2-CH3 (d), -CH2-(CH2)2-CH3 (e), .CH2-(CH2)3-CH3 (f). 

Four members of this series have already been invaetigated, 

(a,b,e,f) (ld,25)« "Hie properties of the two remaining 

members, ethyl 2-pyridyl katoxime (c), and n-propyl 2-pyrldyl 

ketoxime (d), have been Investigated in this study. 

The pyridyl ketoximes have two possible geometric 

structures, the syn form (III), and the anti form (IV). It 

L C R 

N N 

(III) (IV) 
Hcr 



has been shown that complex formation is most favorable when 

the metal is coordinated between the two nitrogens in the 

syn form (V) (11). The infrared spectra of a number of pyridyl 

(V) 

ketoxime complexes have sharp peaks at about 2.7/ » indicat

ing the presence of free hydroxyl groups (17), This also 

indicates that coordination occurs through the oxime nitrogen 

rather than through the oxime oxygen. 

The normal pK value for the pyridine nitrogen is 5*3» 

and the pK value for the oxime hydrogen is about 12.5 to 

13.0. The pK value is defined by the expression Log (lA)» 

where K is the ionization constant. The pK values in the 

pyridyl ketoximes are in the range of 3.0 to 3.5 for the 

first ionization constant and 10.0 to 11.0 for the second 

ionization constant ( ̂  ). This shifting of the pK values 

is an indication of the increased electron density at the 

pyridyl nitrogen and oxime hydrogen. Such "mobility" of 

electrons within the chelate ring is responsible for the 

high stability of the complexes formed, and the fact that 



they are generally brightly colored (20 ). 

Harkins and Preiser (12) have reported that a linear 

relationship exists between the log of the inverse of the 

formation constants for the complexes of 2 2'-pyridyl 
* 9 

benzimidaiole with copper(II), zinc(II), manganese(II), 
¥ 

and cobalt(II), and the pH at half-neutralization of the 

•NH* group, but not so in the case of nickel(II). Com

paring the values of the ionization constants of the 

pyridyl ketoxime series (Table I) seems to indicate, if 

the above relationship is valid, that there should be very 

little change in the nature of the complexes formed within 

this series. It is found that many of the properties of 

the complexes of the series are similar, such as the absorp

tion spectrum and molar absorptivity, extractability, 

and pH dependence. However, a decrease in the solubility 

of the irondl) and copper(I) complexes was found as the 

size of the alkyl group increased. The three lower members 

of the series formed water soluble complexes with iron(II) 

and copper(I). The n-butyl 2-pyridyl ketoxime forms a 

slightly soluble complex with ethyl 2-pyridyl ketoxime. 

The n-butyl 2-pyridyl ketoxime complexes were extremely 

insoluble. 

The properties of the pyridyl ketoxime complexes are of 

analytical importance because of the selectivity and strong 

color of the complexes. Many of the pyridyl ketoximes form 



Table 1. Ionization constants of alkyl 2-pyridyl 
ketoximes 

Compound pK^ pK^ 

H 

CH3 

CH2—CH^ 

CH2—CH2—CH^ 

CH2— (CHo} 2""̂ ?̂ 

CH2-(CH2)3-CH3 

3.57 

3.97 

3.90 

3.96 

3-dO 

4.07 

10.04 

10.97 

11.15 

11.32 

11.16 

11.04 

water soluble complexes with iron(II)g iron(III), copper(I), 

copper(II), and cobalt(II). However, certain of the com

plexes are insoluble, such as the palladium complex (23), 

and as indicated above, the iron(II) and copper(I) complexes 

with the two higher members of the series studied here. The 

wide separation between absorption peaks for the copper(I) 

and iron(II) complexes has led to a method for the simultan

eous determination of copper(I) and iron(II) with methyl 

2-pyridyl ketoxime (2). The iron(II) complex with 2-pyr

idinealdoxime is stable in extremely basic solutions, allow

ing the determination of iron in sodium and lithium hydrox

ides (25). A method for the determination of palladium is 

based upon the Insolubility of its complex with phenyl 
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2-pyridyl ketoxime (23)* The copper and cobalt complexes 

of the pyridyl ketoximes are, in general, extractable 

into organic solvents (Id,25). The insolubility of the 

copper(I) complex of n-butyl 2-pyridyl ketoxime in rela

tively acidic solutions has led to a convenient method for 

the separation and determination of copper (Id). 



II. MATERIALS AND EQUIPMENT 

The materials and equipment used in the research work 

are as follows: 

2-Cyanopyridine 

2-Cyanopyridine was obtained from the Columbia Organic 

Chemicals Company, and used without purification. 

Ethyl bromide 

Ethyl bromide was obtained from the Eastman Chem

ical Products, Inc., and used without purification. 

n-Propyl bromide 

n-Propyl bromide was obtained from the Eastman Chem

ical Products, Inc., and used without purification. 

All other chemicals used were of reagent grade. Deio-

nized and distilled water was used in all solutions. 

All spectral measurements were obtained using a Beck-

man, Model DU^ spectrophotometer. Silica cells, l.OOOl .005 

cm., were used for all measurements. 

A Beckman, Model 76, pH meter was used to make pH meas

urements. The electrodes were standardized with Beckman 

Packaged buffers. 



III. EXPERIMENTAL PROCEDURES AND RESULTS 

A. Ethyl 2-pyridyl ketoxime 

1. Preparation 

Ethyl 2-pyridyl ketone was prepared by a ne^hod essen

tially that of Frank ana .Veatherbee (d). The ethyl Orlg-

nard reagent was prepared by the reaction of 6.76 g. (0.27d 

moles) of magneslun in a one-liter flask containing 50 nl. 

of dry ether with 29.4 g. (O.269 moles) of ethyl bromide^ A 

solution of 26,0 g. (0.250 moles) of 2-oyanopyridine in 200 

ml, of dry ether was added slowly over a period of two hours 

to the ethyl Grignard solution at room temperature. After 

cooling, a solution of 50.0 g. (0.950 moles) of ammonium 

chloride and 50 ml. of concentrated hydrochloric acid in 200 

ml. of %f«ter was slowly added and the solution was stirred 

for three hours. The aqueous layer was then separated from 

the ether layer and refluxed for five hours. The solution 

was then cooled and neutralised with sodium hydroxide and 

repeatedly extracted with 150 ml. portions of ether. The 

ether extracts and the initial ether layer were combined and 

dried over magnesium sulfate and Norite. The dried product 

was vacuum distilled at 5 mm, Hg pressure. The yield was 

13.64 g. (40.45t), b.p. 64^-67^ C, of the corresponding ethyl 

2-pyrldyl ketone. 

The oxime was prepaz*ed from the above ketone by the 

d 
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reaction of 5.0 g. (0.037 moles) of the ketone with 12.5 g. 

(0.5d moles) of hydroxylamine hydrochloride in 125 ml. of 

water. The solution was cooled to 5° C, and 12.5 g. (0.31 

moles) of sodium hydroxide in 75 ml. of water was added 

slowly. After the addition was complete, the solution was 

heated for two hours Just below the bjiling temperature. 

The Ejolution was cooled and dry ice was added to lower the 

pH of the solution and precipitate the oxime. Yield of 

the crude product ifas 1.69 g. (30.45^). This was purified 

by rocrystallization from water to give a pure white crystal

line material with a melting point of 107^ - 10d° C. The 

literature value is 106° C (211 

2. Prppert;!.?? 

Ethyl 2-pyrldyl ketoxime is soluble in a number of 

organic solvents such as ether, benzene, ethanol, and chlo

roform. The oxime is only moderately soluble in cold water, 

a 0.01 molar solution being the most concentrated solution 

practical at room temperature. The hydrochloride was easily 

prepared by precipitating the solid from an ethoral solu-

•:ion of nhe oxime with dry hydrogen chloride gas. The oxime 

thus produced was purified by recrystalli lation from an 

ethyl acetate solution containing a sufficient amount of 

methanol to dissolve the oxime hydrochloride near the boil

ing temperaoure. The solubility of the ethyl oxime in an 

acidic solution was much greater than in a neutral solution^ 
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It was also found that the oxime was more soluble in basic 

solution than in a neutral solution. 

In Figure 1., the ultraviolet absorption spectrum of 

the ethyl oxime is dependent upon the pH of the solution. 

It has been shown that the oxlmee similar to the ethyl oxime 

Ionize in two steps to give three species (10), as shown 

below 

\^- . ^ 

C 
If 

R 

N 
H * 

N 

C 
I 
N 

OH OH 

(VI) (VII) 

N 

C 
I! 
N 

R 

N 

C 
W 
N 

OH 0-

(VIII) 

• H 

• H' 

The equilibrium can be abbreviated as 

-H" -H' 
H2A 

(VI) 

HA -

(VII) 

A" 

(VIII) 

(1) 

The lonisatlon constants are defined as 

CHA#1 _ CA#1 ^ gT 2 .CA 
Ki-

•H2A 

, CA#1 

CHA •H2A 
(2) 
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Figure 1. Absorbance spectra of ethyl 2-pyridyl ketoxime 

Curve 1: Absorbance spectrum at pH 3.d 
Curve 2: Absorbance spectrum at pH 11.6 
Curve 3: Absorbance spectrum at pH 6̂ d 
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Where the subscripted C indicates the concentration of each 

species. 

Values of the ionization constants for similar oximes 

(Table 1) would indicate that the two equilibria of the 

ethyl oxime should be well separated so that each ioniza

tion occurs essentially lndepend«it3yof the other. 

The absorption spectrum of the ethyl oxime was deter

mined at varloua values of pH betureen 2,0 and 12,0 by 

adjusting the pH of a solution successively after each 

absorption reading. The results are shown for the ethyl 

oxime in the region of pH values from 1.0 to 6.0 in Figure 2< 

It is shown below that the first ionization constant is 

equivalent to the midpoint of the inflection curve. 

The absorbance at any point on the curve in Figure 2 

can be described by 

Aj - 8H2A*1*CH2A * BHA*1*CHA (3) 

Where the subscripted S Is the molar absorptivity ofeeaoh 

species, 1 is the length of the absorption cell, and A4 is 

the optical density with reference to water. In this pH 

region the total oxime concentration Tl Is 

Tl - CH2A • CHA (4) 

At extremely low pH values it can be assumed that most of 
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Figure 2. Absorbance of ethyl 2-pyridyl ketoxime vs^ 
pH, for the determination of K. 
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the oxime is in the form of H2A, assuming CJIA ^O be small 

in comparison with CH2A* '̂ ên 

H " KH2A-1-CH2A - ^2^*^*^^ '̂ * 

RH2A - Ai/(1.T1) (6) 

Similarly, in the pH region of 7.0, when practically all 

of the oxime is in the form HA, then 

«HA - Az/d-Tl) (V) 

The combination of equations (3), (6), and (7) results In 

Aj - (AjL^fAl • *2'*°HAA1 («) 

From equations (4) and (2) 

Tl - CHJA * °HA - C H A ^ ^ A I * °HA 

- CHA*([H]* • Ki)Al 19) 

Elimination of HA between equations (8) and (9) gives 

A J - Ai.(&ifAl • A2)*Kl/([HT* • Kj) (lO) 

Or, solving for Kj 

K, - J—J. itif (n) 
AJ - A2 

When the values of W is equal to Kj, it is found that 

*H-Ii " <*1 * *2)/2 (12) 
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This is equivalent to finding the midpoint, since 

AH.KI " *'^^ * ^2) - Ai • J(A2 - A^) (13) 

It is necessary to be able to determine both k^ and 

A2 for the method of calculation of the ionizations as 

given above (7). It was found, however, that the value 

of A2 could not be obtained for the ethyl oxime when 

trying to determine the second ionization constant, since 

prohibitively high values of pH would be necessary, there

fore it is necessary to use another procedure in the cal

culation of the second ionization constant. 

Rearrangement of equation (10) results in 

Aj^H? • Aj.Ki - ki^W • A2»Ki (14) 

Differentiating equation (14) with respect to pH gives 

[H]̂ .dAj/dpH • Aj«d[Hf/dpH ^ K̂ ^̂ dAj/dpH - Â .dLHf/dpH 

(15) 

Since 

pH • Log^^Qd.O/lff) 

Then 

dpH/d[H]* - -0.4343/M^ (16) 

Then combining equation (15) with (16), and rearranging 



Id 

Ki -iHf. (AJ - Ai).(2.303A) - 1.0 (17) 

Where 

M - (dAj/dpH) 

Or, solving for Aj 

Aj « 0.4343-M- (KT 4 K^) - Ai*[Hf /Kf (Id) 

When H'*' is equal to Ki|̂, equation (Id) becomes 

AH-K, - 0.d6d6«M - Ai (19) 

The ionization constant can then be calculated by using equa

tion (17) directly, or by using equation (19) to calculate 

the value of Aj %^en KT is equal to K̂ ,̂ The value of M can 

be determined easily from the slope at the inflection of the 

curve (see Figure 3), since the inflection curve is approxi

mately linear in the region where W is equal to K^. 

One advantage of using equation (17) or (19) is that 

the extreme values of pH needed to obtain A2 are avoided, 

along with the corresponding changes in the ionic strength 

which affect the value of the ionization constant. Another 

advantage is the utilization of pH and absorbance values 

which are mathematically significant, rather than the use 

of two extreme values. The above method of calculating 

the ionization constants is valid for both ionization con

stants at any wavelength, although a change in the sign of 
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Figure 3. Absorbance of ethyl 2-pyridyl ketoxime vs. 
pH, for the determination of K^ 
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the value of M may be necessary. Once the value of A^ 

la found at the pH where H* is equal to K it follows im

mediately from equation (12) that 

A2 - 2.0 .AH.K • A^ (20) 

The ionization constants of the ethyl 2-pyridyl ket

oxime were calculated using the above r>rocedure. These 

values, along with other oximes of the same series, are 

summarized in Table 1. 

A potentiometric titration method for the determina

tion of ionization constants was used to verify the results 

obtained above. This method shows that the first ioniza

tion constant can be calculated from the expression 

(CB*[Hr)-r , , 
H n - <21) 
^ (Tl - C3 - KT) 

Where Cg is the concentration of base in moles and Tl is 

the total concentration of ligand in solution. It can like

wise be shown that the second ionization constant can be cal< 

culated using equation (22) 

Cg - C^ ̂ ff-
K2 - — -t (22) 
^ Tl- CB 4 CA • P^ 

Where C;̂  is the concentration of acid in moles and iGHp is 

the concentration of free hydroxyl ions. 
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Ethyl 2-pyridyl ketoxime hydrochloride (0.1619 g.) 

was weighed out and dissolved in 200 ml^ water. This solu

tion was titrated with 0,064d2 N sodium hydroxide, recording 

the pH of the solution upon each addition of the sodium 

hydroxide. The values obtained at each pH point are given 

in Table 2, The average pK value of 11.35 agrees quite well 

with the pK value obtained fron the spectrophotometric titra

tion method. 

The change in absorption with respect to a change in 

pH is greater than the change in E.M.F. with respect to 

a change in pH in the potentiometric method. Therefore 

the accuracy in the spectrophotoraetric titration method 

should be superior to that of the potentiometric titration 

method yAien such high constants are involved. For the 

first ionization constant the methods are comparable. The 

pK value determined by the potentiometric method is 3.95. 

3. Reaction with metal ions 

Ethyl 2-pyridyl ketoxime, like its homologues (ld,25), 

formed brightly colored complexes with iron(II), iron(III), 

copper(I), copper(II), and cobalt(II). The previous oximes 

studied in this series also formed colorless complexes with 

cadmium(II), uranium(VI), lead(II), and nickel(II), Although 

the characteristics of these complexes were not studied, they 

could also be expected to occur with the ethyl oxime. 
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Table 2, 

pH 

d.40 

d.di 

9.od 

9.20 

9.35 

9.49 

9.59 

9.6d 

9.73 

9.d9 

9.97 

10.14 

10.22 

10,30 

10.50 

10.57 

10,62 

10.70 

10.79 

10. d7 

10.99 

Ionization constant of Ethyl 2-p3 
using a potentiometric titration 

ml. Base 

o.odi 

0.116 

0.152 

0.1d3 

0.22d 

0.2dO 

0.341 

0.400 

0,446 

0,590 

0,700 

0,994 

1.142 

1.29d 

l.d99 

2.150 

2.49d 

2.794 

3.257 

3.902 

5.000 

%2 

l.d5 X 10-^^ 

7.72 X 10-12 

6.14 X 10~12 

5.52 X 10-12 

4. do X 10""!2 

4.07 X 10"12 

3.92 X 10"12 

3.72 X 10-12 

4.01 X 10-12 

3.39 X 10-12 

3.4d X 10-12 

3.67 X 10'"12 

3.67 X 10-12 

3.54 X 10"12 

4.25 X 10-12 

4.0d X 10-12 

6.4d X 10-12 

6.10 X 10-12 

6.2d X 10-12 

2.do X 10-11 

-6,56 X 10-12 

rridyl ketoxime 
method. 

pK2 

10.73 

11,11 

11.21 

11.26 

11.32 

11.39 

11.41 

11.43 

11.40 

11.47 

11.46 

11.43 

11.43 

11.45 

11.37 

11.39 

11.19 

11.21 

11.20 

10,55 
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^* The reaction of ethv;i 2-pvridvl ketoxime with iron (II) 

AJ Solutions Ferrous iron formed a red, water-

soluble complex with the ethyl oxime in neutral or basic 

solutions. The complex was also formed at lower pH values 

with a lowering of the intensity and a change to a yellowish 

color. The complex has a single absorption maximum in basic 

solution at 530 m/t to 532 m//. , as shown in Figure 4. The 

absorption spectrum of the complex at a lower pH and %rith an 

excess of iron(II) is also shown in Figure 4. The absorp

tion maximum shifted to 475 m/x under these conditions. The 

effect of pH upon the absorption characteristics was studied 

by preparing a series of solutions at different pH, the iron 

being kept in the ferrous state by the addition of hydroxyl

amine hydrochloride. The maximum absorbance was found to be 

in the pH region of 10.5 to 11.5 as shown in Figure 5. At 

a pH of 11.5 the molar absorptivity for iron(II) is on the 

order of 10000 at 532 m/t. 

The method of continuous variations (27), as applied to 

the iron(II) complex of ethyl 2-pyridyl ketoxime, indicated 

that a simple complex formation did not take place, but 

rather a mixture of chelates. This is supported by the fact 

that the absorptlen maximum is a function of pH, From pre

vious work done on similar complexes, it is assumed that a 

complex is formed with a maximum ligand-to-metal ratio of 

3ll and presumably with simultaneous equilibria with 1:1 



Figure 4. Absorbance spectra of iron(II) ethyl 2-r>yridyl 
ketoxime 

Curve 1. Excess oxime, pH 11,d 
Curve 2e Excess iron, pH 4.6 



26 

0.900 — 

0.800 —. 

0.700 

0.600 _ 

o 
52; 

g 0.500 
o 

0.^00 _» 

0.300 

0.200 _ 

0.100 

0.000 I 

V/AVELENGTH m/ 



27 

Figure 5. Absorbance of Iron(II) ethyl 2-pyridyl ket
oxime vs. pH 
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and 2:1 complexes or else complexes formed by the dis

sociation of the oxime hydrogen (IX,X,XI) (4) 

Or, using the abbreviation, -POH^ for the oxime group: 

Fe(POH) ^ Fe(P0)3H2 > Pe(P0)3H -> re(P0)3 

Figure 6 shows the variation in absorbance at 536 m/i with 

varying metal-to-ligand ratio, ̂ ere the maximum does occur 

at a ratio of 3:1 
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Figure 6. Absorbance of Iron(II) ethyl 2-pyrldyl ket
oxime vs^ mole ratio of Iron to oxime, at 
530 m/t and pH 10.d 



31 

0.180 — 

0.160 — 

O.lWO — 

0.120 — 

w o 

PQ 

g 
a 

0.100 _ 

0.080 — 

0.060 

O.OWO —i 

0.020 -i 

0.000 

0.2 O.h 0.6 0.8 

Tm/Tl 



33 

The results indicate that the solid complex obtained 

is either not a 351 complex or that the low percentage of 

iron obtained indicated that under the conditions used the 

complex was contaminated with an excess of unbound oxime. 

It was found that a solid complex could also be obtained 

from a ferrous ammonium sulfate solution containing the 

ethyl oxime and saturated with sodium perchlorate. The 

complex formed should be the perchlorate salt of the di

valent species (IX) (13,19). 

5. The reaction of ethvl 2-pvridvl ketoxime with copper(I) 

Copper(I) reacted with the ethyl oxime to form a yel

lowish-green, water-soluble complex iidiich had an absorbance 

spectrum as shown in Figure 7. The molar absorptivity at 

43d m/jL was d500 at a pH of 11.d. The copper (I) was found 

to be extremely sensitive to light, and therefore it was 

difficult to obtain accurate data. The absorption of 

the complex increased rapidly above a pH of 7.0 and reached 

a point of maximum absorbance at a pH of 11 .d. Attempts to 

determine the combining ratio, using the method of continuous 

variations, was hindered by the light-sensitive character of 

the complex. 

The copper(I) ethyl oxime complex was easily extracted 

by chloroform forming a yellowish-green to brown colored 

solution. Practically complete removal of the complex was 

obtained with the first extraction when a small volume of 
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Figure 7. Absorbance spectrum of copper(I) ethyl 
2-pyrldyl ketoxime 
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ethyl alcohol was added to the solution. The eonplex was 

not extracted by ether, benzene, or petroleum ether. 

^» The reaction of ethvl 2-pvridvl ketoxime with copper(II) 

Copper(II) also reacted %rith ethyl 2-pyridyl ketoxime 

to form a yellowish-green water-soluble complex. A spoctro-

photometric titration, similar to the procedure used with 

the iron(II) complex, indicated that the absorbance steadily 

increased from a pH of 6.0 to 9.5, remained relatively con

stant over the pH region of 9.5 to 11.7, and then dropped 

sharply above a pH of 12.0. The copper(II) complex has two 

absorption peaks, one at 410 m/ (see Figure d) and a much 

larger one at 325 m/t . The absorption peak at 325 m/ was 

due in part to the absorption of the oxime (see Figure 1). 

Figure d also shows the effect of the metal-to-ligand ratio 

upon the absorption spectrum when the ligand concentra

tion was kept constant. It is of importance to note that 

as the metal-to-ligand ratio was increased, the absorp

tion peak at 410 m/t was decreased. Figure 9 shows this 

variation in absorption as a function of the metal-to-ligand 

ratio at constant wavelength. Figure 9 also indicates that 

the maximum absorbance fell in the range where the metsl-

to-ligand ratio was 2:1. When the pH of the solution was 

kept in the range of 9.5 to 11.5, the combining ratio 

was found to be 2:1, using the method of continuous varia

tions. 
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Figure d. Absorbance spectra of copper(I) ethyl 2-pyrldyl 
ketoxime at pH 10.03 and mole ratio of oxime to 
copper of: 

Curve 1: 1:2.5 
Cuinre 2: 1:1.7 
Curve 3: 1:1.0 
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Figure 9. Absorbance of copper(II) ethyl 2-pyridyl ket
oxime vs. concentration of copper at pH 10.03. 
concentration of oxime is 7 ml. of 0.001 M 
oxime in 50 ml. water 
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The results above are consistent with the conclusion 

that there are two principal species in equilibrium, a 1:1 

complex and a 1:2 complex, almilar to the Iron complex. 

The two complexes can be attributed to the dissociation of 

the oxime hydrogen (XII, XIII) (16). 

Cu(P0H)2 ^ Cu(P0)2H * H"̂  

(XII) 

Cu(P0)2H ^ Cu(P0)2 • H 

(XIII) 

It can be seen that the copper(II)-ethyl oxime system 

follows Beer's law above a ligand to metal ratio of about 

2.5, with a corresponding molar absorptivity of 3250 at 

a pH of 10.04 (see Figure 9). The molar absorptivity with 

an excess of the metal is d67, assuming complete reaction 

of the ethyl oxime with the metal. 

The copper(II)-ethyl oxime complex, similar to the 

copper(I) complex la easily extracted by chloroform. The 

color of the resulting complex, unlike the copper(I) com

plex. Is dark brown, which turned to the yellowish-green 

color upon addition of sufficient ethyl alcohol to dissolve 

the residual water. The copper(II) complex in chloroform 

has a single maximum at 345 m/t . At this wavelength the 

copper(II) complex has a molar absorptivity of 15000. Ana

lytical removal of the copper(II) from aqueous solution la 



42 

obtained upon extracting once with chloroform when a few 

milliters of ethyl alcohol were added. The stability of 

the copper(II) complex in pure chloroform was highly depen

dent upon time. However, the addition of ethanol to the 

solution, with the resulting shift to the yellowish-green 

color, stabilized the solution. The application of the 

copper(II) ethyl oxime extraction system to the determina

tion of copper(II) in solution is presented on page (z • 

7 . T̂ ff r<rfl<?t̂ j>9n pf f t h y l l-yrrvi^yl }i$\^iiirm y^%)?^ ft9bftlt(ii) 

Cobalt(II) reacts with ethyl 2-pyrldyl ketoxime to give 

a yellow, water-soluble complex in the pH regions of 2.0 to 

12.0 (Figure 10). A preliminary study of the system, using 

the method of continuous variations, indicated that a mixture 

of complexes was present. In Figure 11, the maximum of Job*s 

plot at a pH of 9.d3 was 1.34:1, while at the lower pH of 

5,1 the maximum occurred at a ligand-to-raetal ratio of 1.9:1. 

Such a transition from a low ligand-to-metal ratio at hl|^ 

pH to a higher llgand-to-metal ratio at a lower pH is not 

consistent with a system containing almple coaiplexes (XIV, 

XV,XVI). 

Co'̂ '̂  CoA* C0A2 

(XIV) (XV) (XVI) 

Voaburgh and Cooper (27) have indicated that when there is a 

mixture of complexes, Job*8 method of continuous variations 
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Figure 10. Absorbance of cobalt(II) ethyl 2-pyrldyl ket
oxime vs. pH 
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Figure 11, Determination of the combining ratio of 
cobalt(II) ethyl 2-pyrldyl ketoxime. 

Curve 1« pH 5.1, 340 m/t 
Curve 2: pH 9.d3,340 m/t 
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la not valid. Job's method can be applied to a mixture of 

complexes in solution (27), but definite knowledge of the 

types of complexes formed must be known. It should also 

be noted that the method of continuous variations does not 

indicate the effect of hydrolysis upon complex formation, 

Bolton and Ellin (22) have stated that the cobalt complexes 

are not simple llgand-to-metal complexes but seem to form 

other species, such as hydrolysis complexes and possibly 

polynuclear complexes, as indicated below (XVII, XVIII), 

= ""A.. ,0H^ ^^A-
CoA2(0H)5 J^^'' .CoC 

^ ^ "k^ ^OH'' ^-^A-
(XVII) (XVIII) 

It was desired to formulate some experimental procedure 

whereby more information about the complexing species could 

be obtained. The average charge on the metal species in 

solution would be a desirable parameter that would provide 

valuable information about the complexing system, if that 

parameter could be determined. An experimental procedure 

for determining this parameter as a function of the metal-

to-ligand ratio was found, and the development is given 

below. 

In general any complex is of the form, 

^ y ( O H ) ^ ^ (23) 
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where 

C Metal ion 

A Ligand 

q Charge on complex 

x,y,z Stoichiometric ratio of each species 

OH Hydroxyl ion 

When the metal is divalent, such as with cobalt(II) com

plexes, and when the ligand in the combined form appears to 

have a single negative charge, as in the ethyl oxime, then 

the charge on each complex in solution is given by 

q - 2x - y - z (24) 

For a mixture of chelates the average charge on all metal 

species in solution will be defined as 

x,y,z Tm 

Where Tm is the total metal concentration. For example, 

in a system containing Co**"*, CoA*, C0A2, and CoA2(0H)2 , the 

value of H would be given by equation (26), where the sub

scripted C denotes the concentration of each species (omit

ting the charge on each species). 

M - (2.Cc^ ^ CcoA - 2.CcoA2(0H)2'A« (26) 

The actual experimental conditions used are illustrated 
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by an experiment performed with the cobalt(II) and pyri-

dine-2-aldoxime system. Twenty-five ml. of 0.001 M pyri-

dlne-2-aldoxime was placed in a 250 ml. flask containing a 

magnetic stirring bar. A volume of 150 ml. of water was 

added, and the pH of the solution was adjusted to 7.01 with 

sodium hydroxide. Upon addition of a small amount of 

cobalt nitrate solution (2.47d x 10"^ M) with constant stir

ring, the pH subsequently dropped because of chelate forma

tion. The pH was readjusted to 7.01 by adding standardized 

0,010d3 N sodium hydroxide from a microburett. The volumes 

of the metal and base solutions added were recorded and the 

process was repeated until addition of cobalt(II) solution 

produced no significant change in the pH, see Table 3. 

From a consideration of the above experimental proce

dure the following system of equations will apply. 

Tm - Z_ [CoxAy(0H)J (27) 
x,y,a 

Ch - / _ q{Co3cAy(0H)J (2d) 

Where 

Tm Total metal 

Ch Average molar charge (the electronic charge 
per molo of complex) 

The equation of the charge balance of the solution, using a 

subscripted C to indicate the concentration of each species 

TEXAS Trr::r;c;,oG!C'̂ L C O L L E G F 

• • * ^ v ^ m 9"^^ » 
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Table 3 . Average charge on a t̂̂ Tirldlnealdoxima cobalt 
eomplexee 

<^ao 

%a 

C?a 

pH 

^Tl 

» 

• 

m 

-

• 

0.0 

0.01142 :̂ 

2.47d X 10"^ :̂ 

7.02 

0.0200 M 

ml. Base 

0*259 

0»461 

0.640 

0.9dO 

1.092 

1.210 

X.290 

1.330 

1.371 

I«4U 

ml. Metal 

0.60 

1.2d 

1.7d 

a.5d 
2.3o 

3*30 

15.77 

ld.90 

35#71 

51.20 

R 

0.074 

0.159 

0.221 

0.320 

0.357 

0.409 

1.95 

2.34 

4.42 

6.34 

F 

0.059 

0.3dl 

0.3d4 

0.292 

0.295 

0.351 

1.63 

i .6d 

i .d2 

i.dd 
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and omitting charges, i s 

Cch * N̂a * M̂  • \ A • CA • & r • Cci • Cfjô  

(29) 

From the definition of the ionization constants, the fol

lowing equations are applicablet 

CA - \ u • CA*('^12 - Mr)Ai2 (30) 

C^ Tl.Ki2AM*2 + IiMT • K12) (31) 

It can be shown from equations (30) and (31) that 

C A - V - Tl.(Xi2-[Hr^)/(r2.K,.r^Xl2) 

- Fh (32) 

In this system it was found that Fh was quite small com

pared with the remainder of the quantities in equation (2d) 

(the value of Fh being approximately 0,0005 at a pH of 7.01) 

Using this relation, and rearranging equation (2d) it can 

be seen that 

Cch - [or * Cci • C^^ . CHa - M* (33) 

But since the concentration of the nitrate ion in solution 

was proportional to the total metal added to the system, 

N̂O<i " 2»Tm, then upon rearrangement of equation (33) 

B - CQjj/Tm 

- (for • Cci - Ĉ a - [HT • 2.Tm)Am (34) 



y --

Initially, before any metal was added, Ĉ j, - 0.0 and C,io,"0»0» 

Then from equation (33) 

CNao ^^ • K * ̂ Clo '35) 

Upon elimination of CQ^^ from equations (34) and (35), neglect

ing volume changes, then 

F - ([H;̂  - [Hf • W - [OJgS -̂  C^a^ - ̂ Na '̂  2*Tm)A« 

(36) 

But since the experiment was carried out at constant pH, 

W - [Î  g)r- &H£ (37) 

R - (2«Tm - Cjja * Cj,̂  )/Tm (3d) 

In the development above it was assumed that during the 

experiment the change in volume had little effect upon the 

concentration variables. It can be shown in a similar man

ner that if the effects of volume dilution changes are in

cluded, then the value of H would be given by 

p <%a^ * VTm>'(^"^ " M*) ^ 2>VT„>CT„ ^ 

^Tm'^Tm 

^Tm^^Tm 

Where the subscripted V Indicates the volume of the indicated 

species, C})̂  is the molarity of the sodium hydroxide solution, 

and CTm is the molarity of the cobalt nitrate solution. 
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The values of R versus the metal-to-ligand ratio R, 

as calculated from the data given in Table 3 with the use 

of equation (39), are shown in Figure 12. 

If it is assumed that there were only simple complexes 

in equilibrium (XIV,XV,XVI), then upon increasing the metal-

to-ligand ratio, the average charge should have increased 

continuously toward the value of 2.0. It is noticed, how

ever, that there was a definite indication of some other 

transition occiirring in the region of ligand-to-metal ratio 

from 5.0 to 2.0. To explain this fact, the following type 

of transition could occur: 

CoAg ^ CoA2(0H)^^ > CoA(OH)y"'^ ^ Co*" 

The initial value of R • 0.0 indicated the initial formation 

of a neutral complex, such as CoA^. The reversal of the 

slope of the R function could only be explained by the for

mation of a negatively charged species, presumably a hydrox

yl complex. The fact that the curve approached 2.0 did not 

give a clear indication of the formation of any other com

plex; but it seemed to indicate that at this pH only negli

gible hydrolysis of the cobalt to form Co(0H)2 occurred, 

since the function did tend toward 2.0. 

In the region of metal-to-ligand ratio of 2.5 or high

er, no apparent anomalous conditions existed. The deter

mination of the first stability constant for the equilibrium 
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Figure 12. Determination of the average molar charge 
of cobalt(II) ethyl 2-pyridyl ketoxime 
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Co * A ^ = ^ C o A B^ - CC^A/(°GO-^A) (^) 

Co * 2 A ^ = ^ C0A2 B2 - CCOA2/<^CO-CA) (^) 

was attempted with pyridine-2-aldoxime^ The following ex

perimental procedure v;as used, A solutior 2.5 x 10-3 M 

in pyridine-2-aldoxime and 2.407 x 10-3 M in hydrochloric 

acid was prepared from the solid oxime and standard hydro

chloric acid respectively. A series of solutions was 

prepared containing 19 ml, of the above acidified aldoxlme 

solution and 19 ml. of 2.47d x 10"^ M cobalt nitrate sol

ution, to }ifh±ch standard 0.010d3 N sodium hydroxide was 

added. The solutions were diluted to 50 ml. and allowed to 

sit for one hour before determining the pH of the solution 

(Table 4). From a consideration of the above experimental 

conditions and an assumption of simple complex formation 

only, the following system equations can be shown to be 

valid: 

Tm - Cco • OQ^J^ • Cc^A^ (42) 

Tl - CA*(Kr2 + Ki4f -»• Ki2 )Al2 ^ ^Cok "" 

2«CcoA2 " '̂ A + 8 )r * CA * Ĉ Q̂  (43) 

2*Cco * CcoA * C H ^ * [Hf * CNa - Cci • [OlT • 

CA * Cjjo^ ( U ) 

Upon elimination of CQ^ from equations (42) €uid (44), rear

ranging the result, and using the relation CJJQ » 2.Tm 
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Table 4. Stability constants of 2-pyrldinealdoxime 
cobalt(Ii) complex 

pH ml, NaOH C| 

One hour a f t 

3.61 

3.66 

3 .71 

3.73 

3 . d i 

3.d9 

4.09 

4.5d 

6.92 

d.od 

Twenty 

3.43 

3.50 

3.51 

3 .62 

3.63 

3.do 

4.21 

6.d9 

d,20 

0.00 

0.50 

0.75 

1.00 

1.40 

l.do 

2.20 

3.00 

4.00 

5.00 

four 

0.00 

0.50 

1.00 

1.40 

i.do 

2.20 

3.00 

4.00 

5.00 

i 

er mixing 

9.69 

1.03 

l . l d 

l . l d 

1.41 

1.64 

2.d7 

d.33 

6.dd 

- l . U 

X 

X 

X 

X 

X 

X 

X 

X 

X 

X 

10-

10-

10' 

10" 

10* 

10" 

10' 

•11 

-10 

•10 

-10 

•10 

•10 

•10 

10-^^ 
-10 10 ^^ 

10-

hours after 

3.9d 

4.77 

4.25 

5.dd 

4.92 

d,di 

2,56 

6.42 

l .d9 

X 

X 

X 

X 

X 

X 

X 

X 

X 

10" 

10" 

10' 

10' 

10" 

10-

10-

10" 

10' 

•6 

If 

0.004 

0.100 

0.123 

0.1d9 

0.249 

0.320 

0.33d 

0.47d 

0.d27 

1.277 

mixing 

•11 

-11 

-11 

-11 

-11 

•11 

•10 

-d 

-6 

0.230 

0.2d3 

0.407 

0.420 

0.533 

0,519 

0.5dl 

0.d27 

l,2dO 

J 

5.15 

4.57 

3.93 

3.do 

3.04 

2.47 

1.3d 

4.16 

2,14 

2,67 

1.09 

d.74 

d.75 

6.24 

6.47 

3.69 

1.15 

2.30 

2.03 

p 

X 

X 

X 

X 

X 

X 

X 

X 

X 

X 

X 

X 

X 

X 

X 

X 

X 

X 

X 

109 

109 

109 

109 

109 

10^ 

109 

10^ 

10^ 

105 

loio 

109 

109 

109 

109 

109 

io9 

10^ 

io5 

^ 

2.0d 

5.01 

4.93 

7^56 

7.14 

7.14 

2*46 

4.52 

1.49 

d.59 

d.20 

7.26 

1.41 

7.69 

1.50 

4.52 

6.2d 

1.71 

4.97 

r 

X 

X 

X 

X 

X 

X 

X 

X 

X 

X 

X 

X 

X 

X 

X 

X 

X 

X 

X 

i o i 7 

ioi« 

i o i « 

i o i « 

i o i « 

i o i « 

i o i « 

l o " 

l o i ^ 

l o i i 

loW 

10l9 

1020 

1020 

1 0 » 

1020 

i o i « 

loi'^ 

l o i i 
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then 

CcoA -̂  2.CC0A2 - C H ^ - C^ • [ff - [ o r ^ CNa - CQI 

(45) 

By eliminating the terms on the left hand side of equation 

(44), using equation (45), subatituting the values of Cjj * 

and CA from equation (2), and solving for CA then 

(46) 

From equation (45) it can be shown that 

- . CCoA * 2*CCoA2 

Cco "*" CCOA "̂  ^Cok2 

- CA*(Mr^ - Ki2)Al2 * ] * - S)r • Cj,̂  -Cci (47) 

It has been shown (20) that 

BI-CA • 2-B2-c| 
N « y- (4d) 

1,0 • BJ^^.CA • B2*CA 

Upon rearrangement of equation (4d), 

Y - BJ^.X • B2 (̂ 9) 
Where 

^ 1.0 - IT 
Y . ^ X -

(2,0 - ir).C| (2.0 - ir)-CA 



59 

From the data given in Table 4 the values of C^ and N can 

be calculated from equations (46) and (47). From equation 

(49) it can be seen that if values of T are plotted against 

the values of X, then the slope of the line should be equiv

alent to Bĵ . It was found however that the values of X and 

Y could not be fit to a straight line. This indicated 

that some type of complexing other than simple proton re

lease complex formation had occurred even at this pH, This 

has also been recently stated by Bolton and Ellin (22) in 

their study of the properties of the 2-pyridinealdoxime 

cobalt system. Further study is needed to ascertain the 

actual type of complex formation between the pyridyl oximes 

and cobalt(II). 



B. n-Prppvl 2-Pvridvl ketoxime 

1. 

The n-propyl Grignard reagent was prepared from 13.5 g. 

(0.56 moles) of magnesium dissolved in 100 ml. of dry ether 

by the reaction with 53 g. (0.43 moles) of n-propyl bromide. 

A solution of 52 g. (0.50 moles) of 2-cyanopyrldine dissolv

ed in 400 ml. of dry ether was slowly added over a period 

of two hours to the cooled Grignard reagent. After stirring 

for ten hours the solution was cooled and a solution of 100 g. 

(I,d7 moles) of ammonium chloride and 100 ml. of concentrated 

hydrochloric acid in 400 ml. of water was added slowly. The 

reaction solution was stirred for three hours. The reaction 

mixture was worked up In a manner similar to that used to 

obtain the ethyl pyridyl ketone. The product was distilled, 

and the fraction boiling between 96® and 97® Ĉ  at24mm. Hg 

pressure was collected. The yield was 44.d g. (62^). 

The propyl oxime was prepared in a manner similar to 

that used to obtain the ethyl oxime. Ten grams (0.067 

moles) of the ketone was added to a ŝ  lution containing 25 g. 

(0.36 moles) of hydroxylamine hydrochloride and 35 g. (O.dd 

moles) of sodium hydroxide, keeping the initial reaction 

temperature below 5® C. The resulting reaction mixture was 

heated for two hours, cooled, and treated with dry ice. The 

crude product separated as a red mass. The yield was 6.5 g. 

(59%). 
60 
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The crude product obtained was difficult to purify. 

The oxime was recrystallized several times from an ethanol-

water solution, resulting in a large loss of the product. 

The red impurity settled to the bottom of the warm solution, 

which could be separated by decantation. The oxime could 

also be purified through its hydrochloride by recrystalliza

tion from a methanol-ethyl acetate solvent system. The 

pure oxime had a melting point of 56^-570 c. 

2« Properties 

n-Propyl 2-pyridyl ketoxime was soluble in a number of 

organic solvents, similar to that of the ethyl oxime. The 

oxime was only moderately soluble in cold water, the sol

ubility being much greater in acidic or basic solutions. 

The ultraviolet spectra of the oxime at various values 

of pH are given in Figure 13. The variation in absorbance 

with pH is again attributed to the equilibrium between the 

three ionic species. The ionization constants were deter

mined using the method deŝ cribed above. The values of the 

ionization constants are given in Table 1, along with other 

members of the series. 

3. Reaction with metal ions 

The propyl oxime, similar to other members in this 

series, reacts with iron(II) to give a bright red complex; 

iron(III) to give a golden yellow complex; with copper(I) 
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Figure 13. Absorbance spectra of n-propyl 2-pyrldyl 
ketoxime 

Curve 1: pH 3.73 
Curve 2: pH 11.45 
Curve 3: pH 7^05 
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and copper(II) to giv^ yellowish-green complexes. 

^* The reaction of n-propvl 2-PYridvl ketoxime with 
irondl) 

Ferrous iron and n-propyl 2-pyridyl ketoxime react 

to give a red water-soluble complex which has a single 

absorption peak in basic solution in the region of 530 m/ . 

The properties of the iron(II) complex are similar to those 

of the ethyl oxime. The complex was extracted, only with 

difficulty, by isoarayl alcohol or by chloroform, even \fhan 

ethanol was added. The propyl oxime showed the same shift 

in absorbance maximum when the metal-to-ligand ratio was 

increased, the shift being from about 535 m/x to 470 m^ . 

The one distinguishing difference between the ethyl and 

propyl oximes was that upon long standing the iron(II) 

complex was not complete, since a noticeable red color due 

to the irondl) complex remained. This fact was important 

in that it Illustrated the trend from soluble complexes, 

such as the pyridine-2-aldoxime and ethyl oxime complex of 

iron(II), to the extreme insolubility with the higher mem

bers of the series, such as with n-batyl or n-pentyl pyr

idyl ketoximes (Id), 

file:///fhan
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5» The reaction of n-propyl 2-pvrldvl ketoxime with 
copper(l) and copper(IlT 

Copper(I) and copper(II) both formed complexes with 

n-propyl 2-pyridyl ketoxime quite similar to the complexes 

formed with the ethyl 2-pyridyl ketoxime. The intensities 

of the complexes formed in solution with the n-propyl com

plex were comparable to the ethyl oxime. Both complexes 

were extracted with ease by chloroform to give a yellowish-

green and brown-colored complexes, respectively. The time 

stability of the n-propyl complex, like that of the ethyl 

oxime, was increased with the addition of ethyl alcohol. 

The form of the copper(I) and copper(II) complex spectra 

were found to be similar to the ethyl oxime, with a slight 

trend of about 5 to 10 mŷ  toward higher wavelengths. 



C, The flr^ffjlvtical determination of copper(II) 

Copper(II) and ethyl 2-pyridyl ketoxime, or the n-propyl 

2-pyridyl ketoxime, react to give an Intense golden-yellow 

complex i^lch can be easily extracted by chloroform from 

a basic solution containing a few milliters of ethanol. 

The addition of ethanol, besides assisting in the complete 

removal of the copper(II) from the aqueous solution, in

creased the stability of the complex with respect to time 

in the chloroform phase. 

A solution containing 10 ml. of 4.16 x 10"^ M copper 

nitrate, 10 ml. of 0.0100 M ethyl 2-pyrldyl ketoxime, and 

5 ml. of ethanol was adjusted to a pH of 9.50 with 25 ml. 

of 1.0 molar sodium carbonate and sodium bicarbonate buffer 

solution, and extracted three times with 10 ml. portions of 

chloroform. The third extract did not contain any noticeable 

complex. Ten ml. of ethanol, sufficient to dissolve any 

residual water, were added to the chloroform extract. The 

solution was diluted to 50 ml. and the absorbances were read 

at the time Intervals given in Table 5. The absorption spec

trum is shown in Figure 14. The data from Table 5 indicate 

that the complex formed rapidly and remained stable for about 

16 hours. The copper(II) complex has two absorption peaks, 

one at 339 m/t , and a smaller peak at 446 nŷ  . A similar 

series of solutions was prepared containing 2.0, 5.0, 10.0, 

and 15.0 ml. of 4.16 x 10"^ M copper nitrate. It was found 
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Figure 14. Absorbance spectrum of copper(II) ethyl 
2-pyrldyl ketoxime in chloroform 
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Table 5. Absorption of ethyl 2-pyriciyl ketoxirre 
copper(II) complex 

"̂ i™* Absorption 
339 mjji 446 m/^ 

10 min. 

30 " 

60 » 

90 » 

210 •• 

7 hours 

16 « 

2d " 

44 « 

1.342 

1.343 

1.342 

1.356 

1.346 

1.35d 

1.369 

1.341 

1.339 

0.343 

0.342 

0.3U 

0,344 

0.345 

0.349 

0.34d 

0.33d 

0.337 

that the system obeyed Beer's law within this range of con

centrations, see Figure 15. The molar absorptivity of the 

copper(II) complex was found to be 15300 at 339 yand 3dOO 

at 446 m/t, both of which may be used for the analytical 

determination of copper. 

A method for the determination of copper(II), as sug

gested above, was applied to the determination of copper(II) 

In a National Bureau of Standards sample No. 53d, contain

ing lead, tin, arsenic, antimony, and bismuth. The pro

cedure used is given below. 
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Figure 15. Determination of the Beer's law relationship 
for copper(II) ethyl 2-pyridyl ketoxime in 
chloroform 
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Table 6. Determination of copper(II) with ethyl 
2-pyridyl ketoxime 

Wt. Sample K,,^^ ^ c« A ^ ^ ^ Cu 
found "^^'^ found 

One half hour after mixing 

1. 0,Od651 1.169 0.279 0.2dd 0.277 

2. 0.10000 1.327 0.275 0.326 0.272 

3. 0,09990 1.320 0,273 0,324 0,271 

One hour after mixing 

1 . 

2, 

3 . 

0,Od651 

0.10000 

0,09990 

1.156 

1.322 

1.317 

0.276 

0.273 

0.273 

0.2d5 

0.326 

0.327 

0.273 

0.272 

0.272 

Three samples of the bearing metal, weighing approx

imately 0,1 g,, were weighed out and heated with 4 ml, 

of concentrated sulfuric acid until all of the metal had 

dissolved. The solutions were diluted with 25 ml. of water, 

and neutralized to pH 3,5 t 0.3 with sodium hydroxide, and 

the lead sulfate was filtered off. Ten milliters of 0.10 M 

ethyl 2-pyridyl ketoxime, 25 ml. of 1.0 molar sodium car

bonate and sodium bicarbonate buffer solution, and 5 ml. 

of ethanol were added to each sample. Each solution was 

extracted three times with chloroform, 10 ml. of ethanol 
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was added to the extract. It was diluted to 50 ml. with 

chloroform^ The solutions were allowed to sit for one hour 

before the absorbances were determined at 339 m/̂  and 446 mM. 

Table 6 summarizes the data and the results obtained^ The 

value given by the National Bureau of Standards was 0^26d^ 

copper, ̂ leh compares favorably with the average value of 

0.274 % obtained by the method described above. This method 

%rould be expected to apply to mixtures containing most metal 

Ions except cobalt, and perhaps iron. This system has the 

unique character of having two absorption peaks, both of 

^Ich can be used for analytical purposes. Further inves

tigation is needed to ascertain the possibilities of this 

analytical method. 



IV. SUT'IMARY 

The properties of ethyl 2-pyridyl ketoxime and n-propyl 

2-pyrldyl ketoxime and the reactions with several metal ions 

have been studied. 

A method for the spectrophotometrlc determination of 

ionization constants, which allows the calculation of the 

constants without knowledge of the limiting absorbances, 

has been developed. 

A method has also been developed to determine the 

average charge of a mixture of metal complexes in solution. 

This method can be used to calculate the average metal 

complex charge over a wide range of metal-to-ligand ratios 

at constant pH, The values obtained by this method give 

additional information about the nature of the complex ndiich 

could not be obtained by other methods of investigation. 

The reactions of ethyl 2-pyridyl ketoxime and n-propyl 

2-p3rridyl ketoxime with iron(II), copper(I), copper(II), 

and cobalt(II) were studied. The absorption spectra of 

the complexes show maxima in the visible rr near ultra

violet. The irolar absorptivities of the complexes were gen

erally quite high, ranging from 3000 to 15000. A study of 

the iron complex of ethyl 2-pyridyl ketoxime indicates that 

a simple 1:3 complex is not formed, as previously found for 

the 2-pyridinealdoxime and methyl 2-pyridyl ketoxime complexes 
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The copper(I) and copper(II) complexes are,in general, 

similar to the other members of this series. A method for 

the determination of copper(II) by extraction of the ethyl 

2-pyridyl ketoxime complex with chloroform was developed. 

The cobalt complex was found to be more involved than had 

previously been thought. Definite information about the 

composistion of the complexes formed could not be deter

mined. 
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