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I. INTRODUCTION 

Along with the increasing utilization of organic reagents in 

analytical chemistry, the accumulation of their equilibrium constants 

has provided an ever-expanding basis for consideration of the influence 

of structural factors on chelate formation. The extent of a chelation 

reaction is a function of certain properties of the metal ion, ligand, and 

chelate. For a metal ion, these appear to be the electronic structure, 

radius, and charge. The important properties of the ligand are the 

proton affinity of the functional groups, spatial arrangement of the 

groups, and nature of the donor atoms and substituent groups. In the 

complex, size and number of rings, and nature of the bonding are of 

importance. 

Undoubtedly, a more definitive basis for the analysis of struc

ture-behavior relationships would be provided by consideration of heats 

of formation as well as free energy data. Except for several favorable 

case3, sufficiently precise heat of formation data are unavailable. 

1 



2 

The fundamental aspects of the thermodynamics of the chelation 

12 3 reaction have been comprehensively treated in other places. ' ' 

An area of continuing interest in analytical chemistry has been 

the response of metal ions to subtle changes in the structure of an organic 

reagent. 8-Quinolinol, one of the most widely utilized reagents, has been 

4 shown to react with 43 different metal ions. The qualitative behavior of 

2 - methyl-8-quinolinol is similar to the parent substance in all cases with 

5 the exception of its failure to precipitate aluminum. After the prepara-

6 7 tion and study of the single methyl isomers ' of 8-quinolinoi, indiffer

ence towards aluminum was confirmed as a unique property of the 

2-methyl derivative. 

* Martell, A.E., and Calvin, M., "Chemistry of the Metal Chelate 
Compounds, " Prentice-Hall Inc., New York, 1952. 

o 

* Lewis, J., and Wil kins, R.G., "Modern Coordination Chem
istry, Interscience Inc., New York, 1960. 

3 Bailar, J. C., "The Chemistry of the Coordination Compounds, " 
Reinhold Corp., New York, 1956. 

4 Welcher, F.J., "Organic Analytical. Reagents, " Vol. I, D. Van 
Nostrand Co., Inc., Princeton, N.J., 1947. 

5 Merritt, L.L., and Walker, J.K., Ind. Eng. Chem., Anal. Ed., 
16, 387(1944). 

Irving H., Butler, E.J., and Ring, M.F., J, Chem. Soc., 1489 
(1949). 

7 
Phillips, J.P., and Merritt, L.L., J. Am. Chem. Soc., 71, 3984 

(1949). 
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More recently, additional 2-alkyl and aryl 8-quinolinols have 

12 3 been prepared and shown to be unreactive with aluminum. ' ' By use 

of models, Irving*1 was able to demonstrate that the formation of the 

aluminum 2-methyl-8-quinolinolate octahedron would require the approach 

of methyl groups toward oxygen or nitrogen atoms of other molecules 

beyond the minimum distance between non-bonded atoms. The larger 

ionic radii of other trivalent cations apparently do not require the same 

degree of proximity among the ligands before a stable metal-to-ligand 

bond is formed. 

4 Johnston and Freiser compared the heats of formation of the 

2-methyl- and 4-methyl-8-quinolinolates of copper, nickel, cobalt, man

ganese, and zinc. Since the acid dissociation constants of the two reagents 

were almost identical, the electron-donating abilities of the reagent anions 

were considered to be the same. 

The heat3 of chelation of most of the metals by the 2-methyl 

derivative were one-half those of the corresponding reactions with the 

* Irving, H*, Butler, E. J., and Ring, M. F., J. Chem. Soc., 
148r(1949). 

2 Phillips, J. P., and Merritt, L. L., J. Am. Chem. Soc., 71, 
3984(1949); Phillips, J. P., and Price, H. P., ibid., 73, 4414(1951)7 

^ Hollingshead, R. G. W., Anal. Chim. Acta, 19, 447(1958). 

4 Johnston, W. D., and Freiser, H., Anal. Chim. Acta, 11_, 201 
(1954). 
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4-methyl derivative. In the case of nickel (n), the difference was even 

greater. Calorimetrically measured heats * were in essential agreement 

with those of the earlier work. The differences in the heats of chelation 

were attributed to a large decrease in bond strength arising from the 

hindrance by the 2-methyl group. 

The corresponding entropies of formation were more than twice 

as large for the 2-methyl chelates as for the 4-methyl chelates. It was 

2 suggested that a methyl group in the 2 position (or 7 position) partially 

shields the polar center of the chelate and reduces the hydration as com

pared to the 4-methyl compound. 

A consistently made observation has been that for a -substituted 

nitrogen heterocyclic chelating agents and similar reagents in which 

steric hindrance is possible the reduction in nickel stability is unusually 

large. Johnston proposed that a critical ionic radius was reached between 

cobalt (II) and nickel (n) after which steric limitations become even more 

severe. In these cases the observed stability order becomes zinc (II) > 

nickel (n). This order is not unique since it also occurs with certain 

sulfur donors^, although possibly not for the same reasons. 

* Fleischer, D., and Freiser, H., J. Phys. Chem., 63, 260(1959). 
o 

Johnston, W. D., and Freiser, H., Anal. Chim. Acta, 1J., 201 
(1954). 

3 Fernando, Q., and Freiser, H., J. Am. Chem. Soc., 80, 4928 
(1958). 
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In spite of the importance of precipitation and solvent extraction 

of chelates in separation processes, few measurements have been made 

of chelate intrinsic solubilities and distribution coefficients. As a con

sequence, factors which affect the solubility and distribution of metal-

containing compounds are incompletely understood. 

Investigations of separations of metal ions with acetylacetone in 

the dual role of solvent and chelating agent have provided the only com-

12 3 prehensive set of partition coefficients ' * for a number of metal ions 

associated with a single chelating agent. The decreasing order of chelate 

partitionment is Ce(m), Fe(m), In(m), Th(IV) > U02(H) > Cr(DI) > Be(II) 

> Ga(m) > Al(m) > Yb(ni) > Hf(IV) > Cu(D), Pb(n) > VO(n) > Zr(IV) > 

Er(m) > Zn(H) > Ho(ffl) > Y(in) > Dy(UJ) > Yb(m) > Gd(HI) > Sm(III) > 

Nd(m) > Ni(n), Co(n), La(m), Pr(m). The order among the first and 

last groups of four ions is unknown. The over-all order does not indicate 

any preferential extraction on the basis of the acetylacetone stoic hiometry. 

It might have been expected that the partition coefficients would 

follow an order based on molecular weight or hydrocarbon content. From 

1 Steinbach, J. F., Ph. D. thesis, University of Pittsburgh, Pitts
burgh, Pa., 1953. 

2 Krishen, Anoop, Ph. D. thesis, University of Pittsburgh, Pitts
burgh, Pa., 1957. 

3 Brown, W. B., Steinbach, J. F., and Wagner, W. F., J. Inorg, 
Nuclear Chem., 13, 119(1960). 
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a plot of maximum per cent extraction versus empirical crystal radius, 

Brown* showed the extraction of eight lanthanides and yttrium decreased 

with increasing ionic radius. The relationship suggests that as the 

lanthanide contraction progresses, the octahedrally coordinated acetyl-

acetonate molecules provide an ever-increasingly efficient shield of the 

polar center of the chelate against solvation. Preliminary solubility data 

are in accord with this hypothesis. 

A similar dependency on the crystal radius of the rare earth 

acetylacetone chelate formation constants was shown by Grenthe and 

2 Fernelius. This suggests that factors affecting the distribution constants 

of metal chelates might be similar to those affecting their formation. In 

neither study was it pointed out how sensitive the distribution constants, 

Kp, or formation constants, are to changes in the radius. Log-log 

plots of either of these constants against crystal radii result in roughly 

linear relationships having extremely high slopes (-^*-17 in log Kjj vs. 

log r.,^ 90 in log vs. log r). Although this remarkable degree of 

radial dependence has no apparent theoretical explanation, it is neverthe

less intriguing. 

1 Brown, W. B., Steinbach, J. F., and Wagner, W. F., J. Inorg. 
Nuclear Chem., 13, 119(1960). 

2 Grenthe, I., and Fernelius, C\, J. Am. Chem. Soc., 82, 6258 
(1960). 
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The only other trivalent metal ions for which partition constants 

have been obtained with acetylacetone are A1(H1), Ga(lU), and Cr(m). It 

is of interest to note that these chelates appear to follow quite a differ-
/n'20 ent relationship (K^ cC r ) from that observed with the lanthanide 

chelates. This suggests that factors other than screening may be of 

importance in the extraction of the tris-acetylacetone chelates. 

The nature of the solvent-solute interaction is fundamental to the 

solvent extraction problem. For cases in which hydrogen bonding may 

be of minor importance, more generalized electrostatic interactions 

such as solute dipole and solvent dipole attraction would be expected to 

play a role. In this connection, it has been of interest to note that 

although a permanent dipole is absent in the acetylacetonates, abnormally 

1 2 large polarizabilities have been reported for these compounds. ' The 

order of decreasing polarizabilities for tris-acetylacetone chelates is 

Fe(DI) > Cr(D3), Al(m), which is the order of their partition. The cor

relation suggests that London forces may be significant in the extraction 

of acetylacetone chelates. 

Although it is by no means certain how the nature of the metal-

ligand bond influences the solubility or solvent extraction of a chelate, 

* Finn, A. E., Hampson, G. C.., and Sutton, L. E., J. Chem. 
Soc., 1254(1938). 

^ Coop, I. E., and Sutton, L. E., ibid., 1269(1938). 
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the trend in certain recent studies of the acetylacetonates suggests that 

detailed information on the nature of their bonding may become available 

soon. 

The stability order for several trivalent acetylacetonates* has 

been shown to be Fe > In > Ga > Al. Force constants for the metal to 

oxygen bond in acetylacetone chelates have been obtained from vibrational 

2 3 spectra recorded in the potassium bromide region. ' The order of 

decreasing bond strengths based on force constants is A1(IH) > Co(QI) > 

Cr(HI) > Fe(m) with a high degree of covalent character assigned to 

/ x 2 aluminum and a high degre? of ionic bonding assigned to Fe(m). Force 

constants obtained for palladium (II), copper (n), nickel (n), and cobalt 

3 
(n) followed the stability order for these metals. 

A discrepancy appears to exist between the stabilities and force 

constants of the Fe(DI) and Al(m) chelates. It should be further noted 

that in a parallel study of the infrared spectra of acetylacetonates, the 

correctness of Nakamoto's vibrational assignments have been seriously 

4 questioned. In view of the possible erroneous conclusions based on the 

* Izatt, R. M., et al., J. Phys. Chem., 59, 170(1955).. 

2 Nakamoto, K., McCarthy, P. J., Ruby, A., and Martell, A.E., 
J. Am. Chem. Socf, 83, 1066(1961). 

3 Nakamoto, K., McCarthy, P. J., Martell, A. E., ibid., 83, 
1272(1961). 

4 Dismukes, T. P., Jones, L. H., and Bailar, J. C., J. Phys. 
Chem. 65, 792(1961). 
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Interpretation of the spectra of the acetylacetonates and the limited 

amount of extraction data which could be compared, no reliable basis 

yet exists for either discrediting or introducing acetylacetone-metal 

bonding as a factor in their partition. 

In an extensive investigation of the separation of thorium and the 

lanthanides by means of solvent extraction, principally between water 

and chloroform, the partition coefficients of a series of reagents and 

1-7 their thorium chelates have been determined. The influence of hydro

gen bonding on the partition coefficients of chelating agents was first 
g 

recognized from a study of the two isomeric 1, 2-nitroso-naphthols. 

The partition coefficient and basicity of l-nitroso-2-naphthol (log Kjj * 

2.97, pK » 7.63) were found to be larger than the corresponding constants 
2. 

for 2-nitroso-1 -naphthol (log Kn « 2.11, pK * 7.24). The difference was 
U E 

* Dyrssen, D., Svensk Kem. Tidskr., 64, 213(1952). 

2 Rydberg, J., ibid., 65, 37(1953). 

^ Dyrssen, D., ibid., 65, 43(1953). 

4 
Dyrssen, D., Dyrssen, M., Johansson, E., Acta Chem. Scand., 

10, 341(1956). 

^ Dyrssen, D., Rec. trav. chem. Pays Bas, 75, 753(1956). 

® Dyrssen, D., Acta Chem. Scand., 10, 353(1956). 

^ Hok-Bernstrom, B., ibid., 10, 174(1956). 

^ Dyrssen, D., and Johansson, E., ibid., 9, 763(1955). 



assigned to the presence of a weaker hydrogen bond in the latter com

pound as evidenced by its lower pK . cL 

The extraction behavior of the two isomers suggests that the 

more stable proton chelate is solvated by water to a lesser extent. The 

distribution coefficients of the isomeric nitroso-naphthols were also 

determined in the methyl isobutyl ketone (hexone)-water system. As 

compared to the chloroform-water system, the partition coefficient of 

l-nitroso-2-naphthol (log - 2.55) decreased while the corresponding 

value for 2-nitroso-l-naphthol (log * 2,23) increased. The decrease 

( A log Kq * 0.42) would be in accord with the larger dielectric constant 

of hexone. The increased partition coefficient of 2-nitroso-l-naphthol 

( A log Kjq m 0.12) appears reasonable, since a basic site is available 

for hydrogen bonding in the hexone structure. This interaction which 

operates in the opposite direction to the effect of the dielectric constant 

change can be expressed in terms of the partition coefficient differences 

of the nitrosonaphthois as A(A log Kjj) * 0.54. 

Interatomic distances and bond angles are, in general, more 

favorable for the formation of six-membered rather than five-membered 

hydrogen bonded rings. On this basis, the partition coefficient and acid 

dissociation constant differences between tropolone (log •« 1.71, pKft = 

1 2 
6,71) and the enol form of acetylacetone (log * 2.03, pKft « 8.05) 

* Dyrssen, D., Acta Chem. Scand., 8, 1394(1954). 

2 Dyrssen, D., Rec. trav. chim. Pays Bas, 75, 753(1956). 
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lend additional support for the importance of hydrogen bonding. The 

molecular weight difference between tropolone and acetylacetone would 

favor a higher partition coefficient for tropolone. It is conceivable that 

the more favorable hydrocarbon distribution is manifested in the parti

tion coefficient of the thorium chelate of tropolone (log - 3.16)* as 

2 compared to the corresponding chelate with acetylacetone (log « 2.57) . 

Partition coefficients have been reported for 8-quinolinol and 

3 4 several of its derivatives in the chloroform-water system. ' The differ

ence between the partition coefficients of 5-methyl-8-quinolinol (log = 

3.28) and 8-quinolinol (log = 2.66) is in accord with an enhancement 

of the hydrophobic nature of a parent compound by the introduction of a 

hydrocarbon substituent. The partition coefficient of 2-methyl-8-quinolinol 

(log Kp « 3,4) is slightly larger than the corresponding value for 5-methyl -

8-quinolinol. The proton affinity of the 5-methyl derivative is only slightly 

larger than the 2-methyl derivative, A pK * 0.11, and favors a higher 

partition constant for the 5-methyl derivative. It is possible that the 

heterocyclic nitrogen is shielded by the 2-methyl group and the aqueous 

solubility of the compound is significantly reduced. 

* Dyrssen, D., Acta Chem, Scand., 9, 1567(1555). 

^ Rydberg, J., ibid., 4, 1503(1950). 

3 Dyrssen, D., Dyrssen, M., Johansson, E., Acta Chem. Scand., 
JU), 341(1956). 

4 
Dyrssen, D., Rec. trav. chim. Pays Bas, 75, 753(1956). 



Comparisons of thorium chelate distribution coefficients and the 

corresponding reagent distribution coefficients for twelve different com

pounds have been only moderately successful. This arises from 

uncertainties with regard to the structure of the thorium chelate* and 

the more complete exposure of the basic centers to the solvents in the 

case of the reagent than the chelate. 

Future studies in this area might be focussed on small groups of 

similar metal ions and ligands whose properties have been well estab

lished. Variations within groups of metal ions would permit radial and 

stereochemical differences, if important, to come into play. The struc

ture of the ligand would have to be amenable to both subtle and gross 

changes. In this way the molecular weight and degree to which the metal 

and basic centers of the ligand are insulated could be studied. Free 

energy data supplemented by heats of extraction would be necessary for 

recognition of unusual solvent-solute interactions. 

* Dyrssen, D., Dyrssen, M., Johansson, E., Acta Chem. Scand., 
10, 106(1956). 



n. STATEMENT OF PROBLEM 

In recent years, considerable interest has been exhibited in the 

attempt to relate structural features of chelating agents to their analytical 

behavior. Extensive studies of chelate formation thermodynamics have 

been conducted, particularly with reagents of the 8-quinolinol type, but 

a number of interesting and significant problems remain. This work is 

concerned with several of these including the generality of the empirical 

metai stability sequence, particularly with nickel (II) and zinc (II), quan

titative aspects of the relation of proton affinity of the reagent and metal 

chelate stability, and the extent of steric hindrance in polysubstituted 

8-quinolinols. 

Considerably less work has been done in the search for significant 

structural factors affecting intrinsic aqueous phase solubilities and dis

tribution coefficients of metal chelates- On this basis, work of this type 

was initiated with 8-quinolinol and analogous reagents since so much 

corollary data for these systems are available. 

13 



m. EXPERIMENTAL 

Potentiometric Measurements 

General considerations 

1 2 The potentiometric method developed by Bjerrum and Calvin 

for the determination of complex compound stabilities in solution has 

been employed in this study. During the reaction of a metal ion, M, and 

a ligand, L, a sequence of equilibria occurs as follows: 

M + L - ML 

ML. - + L *= ML K. 
i - l  l  l  

th K. is the formation constant of the i reaction. The method is based on i 

the measurement of the protons released by the interchange reactions 

* Bjerrum, J., "Metal Ammine Formation in Aqueous Solution, " 
P. Haase and Son, Copenhagen, 1941. 

2 Calvin, M., and Wilson, K. W., J. Am. Chem. Soc., 67, 2003 
(1945). 

14 
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M + HL = H+ + ML 
• • 
• • 

• • 

M L i X  +  H L  -  H +  +  M L .  

• • 
• • 

and the derivation of an equation in terms of the total quantities of reagents 

employed in the reaction, the acid dissociation constants of the ligand, 

the measured hydrogen ion concentrations and the constants K^, ... KL, 

... . The equation is solved explicitly for the stepwise formation con

stants. 

The optimum range of applicability of the Calvin-Bjerrum method 

is a function of the proton affinities of the reactive sites, the affinity of 

the ligand for the metal ion, and the nature of the metal ion. Determina

tions of formation constants at pH < 3 are liable to considerable error 

assuming that the pH measurement is accurate to ± 0.02 units. Crimmin^ 

has cited the copper-picolinic acid system which at pH * 2.44, the degree 

of formation, n, is 1.21, but if the pH * 2.46, n is 1.05. 

Hydrolysis of the metal ion results in maximum rather than true 

values of the formation constants since protons which are not considered 

in the equation describing the system are released during the hydrolysis 

reaction. Because reliable values for hydrolytic equilibria are unavail

able, it is not possible to modify the formation equation. In dioxan-HgO 

* Crimmin, W. R. C., Anal. Chim. Acta, 16, 501(1957). 
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mixtures * the alternative was to determine the pH where hydrolysis is 

first detected in the absence of added complexing agent and to consider 

this the limiting pH. In the presence of complexing agent, hydrolysis 

will occur at some higher pH. 

Hydrolysis to the extent of one per cent, of the total metal would 

appear as an increment of 0.01 in n, which is close to the sensitivity 

limit of the method. The corresponding pH values have been calculated 

for the several metal ions investigated during the present study and are 

summarized below. 

M2+ log Kp ̂  25°C pH 

Co 1.80 10.2 

Ni 3.36 8.6 

Cu - 6,37 5.6 

Zn 4.38 7.6 

corresponds to + OH « MOH* 

In all cases, chelate formation was complete at least one pH unit 

below the pH tabulated above. In the case of Co(II), complete chelation 

occurred before pH 6.0 for every reagent studied. 

Since concentrations rather than activities were considered for 

the various reacting species, the formation constants reported in this 

1 Johnston, W. D., Ph. D. thesis, University of Pittsburgh, 1953. 

2 Bjerrum, J., Schwarzenbach, G., and Sillen, L. G., "Stability 
Constants, Part II: Inorganic Ligands, " The Chemical Society Special 
Publication No. 7, London, 1958. 
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work are concentration quotients. The ionic strength, as 0.005M, which 

prevailed during the measurements is within the range of applicability of 

the Debye-Huckel limiting law. On this basis, comparisons of chelate 

formation constants for the divalent metal ions selected for this study 

will not be a function of the metal ion activity coefficients. 

Apparatus 

Measurements of pH were performed with a glass-saturated 

calomel electrode pair connected to a Beckman Model G pH meter. Meter 

standardization was effected with Beckman pH 4.01 buffers. Titrations 

were conducted in a double-walled beaker with inlet and outlet to permit 

constant temperature water to be circulated from a Wilkens-Anderson 

Lo-Temp bath. The jacketed beaker was covered with a plastic cap 

through which holes were drilled to accommodate a ten milliliter micro-

buret, the electrode pair, two nitrogen inlet tubes, an N.B.S. certified 

1° - 50° thermometer, and a curved glass rod for removal of suspended 

drops at the buret's tip. A magnetic stirrer and Teflon-covered bar were 

used for rapid mixing. 

Standard sodium hydroxide solution, stored in a four-liter poly

ethylene bottle, was delivered to the top of the buret by an automatic 

filling device. Air admitted to chambers containing sodium hydroxide 

solution was first passed through Ascarite-packed towers. 

All stopcock plugs were of Teflon. The nitrogen used to maintain 

a carbon dioxide-free atmosphere in the titration beaker was passed 
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through an Ascarite-packed tower and then a water-filled gas-scrubber 

to saturate the gas. The gas scrubber was immersed in the Lo-Temp 

bath. 

Titration procedure 

The titration procedure for the determination of acid dissociation 

constants and chelate formation constants was essentially the same. A 

weighed quantity of reagent was delivered to the titration beaker and 

diluted to a constant initial volume of 110 ml. with 50 ml. of standard 

0.01 M perchloric acid and water. Prior to the final dilution with water, 

two or three milliliters of standard 0.01 M metal perchlorate solution 

were introduced for the determination of a formation constant. 

After capping and immersion of the electrodes and other accessory 

equipment, the solution was outgassed for five to ten minutes with a con

tinuous stream of nitrogen bubbles which were injected below the surface 

of the solution. Nitrogen flushing was maintained throughout the entire 

period of the titration. Variable increments of the standard sodium 

hydroxide solution were added. In regions of rapid change of pH or 

chelate formation, the minimum volume, 0.02 ml., was most frequently 

introduced. 

The pH was measured two to three minutes after each addition of 

the base and checked after two minutes additional stirring. Periodically, 

ten-minute intervals were allowed to elapse between successive pH read

ings. Rapid attainment of equilibrium was always indicated. 
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Standard solutions 

A solution of 0.1 N carbon dioxide free sodium hydroxide (Fisher 

Scientific Co.) was standardized against National Bureau of Standards 

potassium acid phthalate. 

A solution of 0.01 N perchloric acid was prepared by an appro

priate dilution of Baker Chemical Co. 60% perchloric acid. The dilute 

perchloric acid was standardized with the standard sodium hydroxide. 

Solutions of 0.01 M metal perchlorates were prepared by suitable 

dilution of salts obtained from the G. F. Smith Chemical Co. The copper 

(13) and cobalt (n) solutions were standardized by electrodeposition.* 

The nickel (13) was standardized by precipitation with dimethylglyoxime.* 

The zinc (n) solution was standardized gravimetrically as ZnNH^PO^.* 

Synthesis and purification of chelating agents 

8-Quinolinol-5-sulfonic acid 

8-Quinolinol-5-sulfonic acid was prepared by the sulfonation of 

2 8-quinolinol according to the procedure of Matsumura. After three 

recrystallizations from boiling water, the compound was dried at 105° C. 

The equivalent weight determined by titration with standard sodium 

hydroxide was found to be 238 g., theoretical for the monohydrate: 243 g. 

1 Vogel, A.I., "Quantitative Inorganic Analysis, " 2nd Edition, 
Longmans Green and Co., New York, N.Y., 1951. 

^ Matsumura, H., J. Am. Chem. Soc., 49, 813(1927). 
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Since the compound decomposed at elevated temperatures, a melting 

point was not obtained. 

2-Methyl-8-quinolinol-5-sulfonic acid 

2-Methyl-8-quinolinol-5-sulfonic acid was prepared by the sul-

fonation of 2-methyl-8-quinolinol according to the sulionation procedure 

1 2 of Matsumura recommended by Phillips. After three recrystalliza-

tions from boiling water, the compound was dried at 105® C. The equiva

lent weight determined by titration with standard sodium hydroxide was 

found to be 257 g., theoretical for the monohydrate: 257 g. A melting 

point was not obtained because of compound decomposition at high tem

peratures. 

7-Nitro-8-quinolinol-5-sulfonic acid 

7-Nitro-8-quinolinol-5-sulfonic acid wa3 synthesized from 8-

quinolinol by successive sulfonation and nitration. This compound has 

been prepared previously by a different procedure.^ 

8-Quinolinol was sulfonated in 15% fuming sulfuric acid in the 

manner described by Matsumura.* The beaker containing the fuming 

* Matsumura, H., J. Am. Chem. Soc., 49, 813(1927). 
o 

Phillips, J. P., and Merritt, L. L., J. Am. Chem. Soc., 70, 
410(1948). 

3 Molland, J., Arch. Math. Naturvidenskab., _43, 67(1940). 



sulfuric acid solution of 8-quinolinol-5-sulfonic acid was cooled in a rock 

salt-ice mixture. While in contact with this mixture, sufficient concen

trated nitric acid was added drop wise with constant stirring. The amount 

of nitric acid introduced was calculated on the basis that the equilibrium, 

HN03 + 2H2S04 * nC2
+ + HgO+ + 2HS04~, ^ would proceed to comple

tion under the conditions described above. Amounts of nitric acid, cal

culated to be in excess of the amount required to react and added rapidly, 

led to the formation of a highly insoluble impurity. The impurity was 

considered to be 5, 7-dinitro-8-quinolinol. 

After the addition of the nitric acid, the red-colored viscous 

solution was allowed to stand in the rock salt-ice mixture for one-half 

hour. The mixture was then poured oyer an excess of shaved ice, from 

which yellow crystals slowly formed. After filtration, the product was 

reerystallized from boiling water several times. The compound was 

dried at 105° C. The equivalent weight determined by titration with 

standard sodium hydroxide was found to be 283 g., theoretical for the 

monohydrate: 288 g. A melting point was not obtained since the compound 

decomposed at elevated temperatures. 

* Gillespie, R. J., and Millen, D. J,, Quart. Revs., J2, 277(1948). 
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2 - Methyl - 7 -nitro -8 -quino linol - 5 - sulfonic acid 

2-Methyl-7-nitro-8-quinolinol-5-sulfonic acid was prepared from 

2-methyl-8-quinolinol in the identical manner as described for the pre

vious compound. After recrystallizations from boiling water, the com-

pound was dried at 105" C. The equivalent weight as determined by 

titration with standard sodium hydroxide was found to be 294 g, theoreti

cal for the monohydrate: 302 g. A melting point was not obtained because 

the compound decomposed at elevated temperatures. 

2-Methyl-7-bromo-8-quinolinol-5-sulfonic acid 

2-Methyl-7-bromo-8-quinolinol-5-sulfonic acid was prepared by 

the addition of a slight excess of bromine to a stirred aqueous solution of 

2-methyl-8-quinolinol-5-sulfonic acid. After reduction of the volume of 

the solution by one half and cooling, crystallization occurred. The prod

uct-was filtered and recrystallized twice from boiling water. The com

pound was dried at 110° C. The equivalent weight as determined by 

titration with standard sodium hydroxide was found to be 318 g, theoret

ical: 320g. A melting point was not obtained since decomposition 

occurred at high temperatures. 

Compounds 

8-Quinolinol (Matheson Co.) and 2-raethyl-8-quinolinol (G. 

Frederick Smith Co.) were purified by vacuum distillation followed by a 

double recrystallization from 95% ethanol. The melting point of 
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8-quinoiinol was 72.5° -73.5°, reported*: 72° -74°. Nitrogen analysis: 

found 9.68%, calculated 9.65%. The melting point of 2-methyl«8-quino-
o 

linol was 73° -74°, reported : 74°. Nitrogen analysis: found 8.77%, 

calculated 8.80%. 

5-Benzyl-8-quinolinoi was prepared according to the Huang-

Minion modification of the Wolff-Kir schner reduction from the product 

formed from the Friedel-Crafts reaction of 8-quinoiinol and benzoyl 

3 chloride. After vacuum distillation and ethanol-water recrystallization, 

the product melted at 114.0°, reported: 114°.° 

Chelates of 8-quinoiinol, 2-methyl-8-quinolinol and 5-benzyl-8-

quinolinol. The copper (II), zinc (n), and cooalt (II) chelates were pre-

4 
pared under the conditions described by Wiiiard and Diehl for the pre

cipitation of 8-quinolinol chelates. The zinc (II) -8-quinolinol chelate was 

prepared in the manner described by Merritt to yield a precipitate whose 

powder pattern was identical to powdered single crystals,. 

* Collins, W. D. et al., Ina. Eng. Chem., Anal. EcL, 1J2, 631 
(1940). 

^ Merritt, L. L., and Walker, J. K., ibid., 16, 387(1944). 

3 Linnell, W. H., and Vora, S. V., J. Pharm and Pharmacol., 3, 
670(1951). 

4 
Willard, H. H., and Diehl, H., "Advanced Quantitative Analysis, " 

D. Van Nostrand Co. Inc., New York, 1943. 

5 Merritt, L. L., Cady, R. T., and Mundy, B. W., Acta Crys., 
7, 473(1954). 
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Solubility Measurements 

General considerations 

The total solubility of a metal complex compound is the sum of 

the concentrations of the metal ion in all its associated forms, viz. 

S - [M] + [ML] + [ML2] +• .... 

When association with an anionic ligand results ip the formation of a 

neutral metal-containing species, S will ae a function of the ligand con

centration. Under these conditions, S will decrease to a minimum value 

as the ligand concentration increases. The relationship between solu

bility and ligand concentration may be described by a power series. The 

coefficients of the terms in the series are simple combinations of the 

stepwise formation constants and the solubility product. By selecting as 

many experimental points as unknown coefficients, a set of equations are 

obtained which may be solved either simultaneously or by successive 

approximations. Sillen has developed graphical methods for the deter

mination of equilibrium constants in complicated systems. 

Sillen's graphical methods were applied for the first time to a 

2 chelate solubility study involving nickel (n) and dimethylglyoxime. At 

the same time, the graphical method was applied to certain chelate 

* Sillen, L. G., Acta Chem. Scand., 1£, 186(1956). 

2 Dyrssen, D., Krasovec, F., Sillen, L. G., Acta Chem. Scand., 
13, 50(1959). 



solubility studies completed during the course of the present study. 

Graphical methods have the advantage over numerical methods in that 

information from essentially all the data may be considered together. 

The necessity for devising sensitive analytical techniques to 

cope with the small concentrations encountered in a chelate solubility 

study has been circumvented by the availability of radioisotopes and 

sensitive radiation detection instrumentation. Although several radio

active isotopes are known for every metal, not every metal possesses 

an isotope which combines the most useful type of radiation with high 

specific activity, suitable half-life, and freedom from radioactive con

taminants. Both high and low extremes in counting rates are subject to 

error. Because of the statistical nature of nuclear radiation, high back

ground and small net counting rates operate to reduce the reliability of 

a determination. The statistical error of high counting rates is reduced 

by comparison, but errors due to coincidence loss become important. 

The paralysis time of many common detectors and electrical circuits of 

scalers is of the order of one microsecond or less, but the maximum 

rate at which ordinary mechanical registers can record pulses corre

sponds to a much longer dead time. As a consequence, it is the mechan

ical register which sets an upper limit for reliable measurements of 

high counting rates. 
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Apparatus 

Double-walled glass cylinders with an interior capacity of 500 

ml. contained water chelate mixtures under investigation. Water main

tained at a constant temperature by a Wilkens-Anderson Co. Lo-Temp 

bath was circulated between the walls of the solubility apparatus. Con

stant stirring was maintained by a magnetic stirrer and Teflon-covered 

bar. During the initial phase of the study, the solubility vessel was 

stoppered with a standard taper joint through which a capillary tube was 

sealed. At the upper end of the capillary was a small outer standard 

taper joint to which could be fitted a short capillary take-off tube or a 

pipet. The lower end terminated at the bottom of the cylinder in a fine 

porosity glass frit. Filtered compressed air could be introduced through 

a stopcock sealed to the stopper to force solution through the frit into 

the take-off tube. 

Radiation counting was performed with a Nuclear-Chicago Model 

DS5 Versatile Scintillation counter coupled to a Nuclear Chicago Model 

183 B Count-O-Matic Scaler. Plateau determinations were performed 

for each nuclide studied. Corning 16 x 150 mm screw-cap glass culture 

tubes were employed as counting containers. A Beckman Model G pH 

meter was used for hydrogen ion measurements. 
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Experimental procedure 

General 

Freshly prepared chelates were collected and washed on 1 1/8 

inch Hurlburt glass fiber filter mats. While moist, the chelate was 

transferred with the filter to the solubility apparatus in which a known 

volume of solvent and a predetermined amount of chelating reagent were 

being rapidly stirred. The flask was tightly stoppered and covered with 

black rubber sheeting to minimize possible decomposition through air 

oxidation and photolysis. Before sampling, the solids were allowed to 

settle for about ten minutes, after which a pair of successive samples 

of the solution were removed. 

Samples collected by forcing solution through the fritted glass 

assembly were found to be indistinguishable from those removed by 

direct pipeting followed by filtration through either Whatman No. 40 or 

No. 42 filter papers. Five milliliter aliquots of the filtrates were imme

diately transferred to counting tubes and then tightly stoppered. The 

volumes of standard counting solutions were the same as the sample 

solutions. 

Samples were collected from the solubility apparatus at twelve 

or twenty-four hour intervals until the metal concentration showed no 

time dependence. 
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Copper - 64 

Samples of Baker Chemical Co. 0.005 inch diameter copper foil, 

99.99% Cu, were irradiated in a General Dynamics Triga swimming pool 

type reactor. Before neutron activation, the surface of the copper foil 

was treated with concentrated nitric acid, rinsed with water, and dried. 

The foil was weighed before and after a ten-to-fifty-milligram section 

was cut away. The precision of the weighing, ± 0.02 mg, was considered 

satisfactory. The sample of foil was submitted to the University of 

Arizona, Department of Nuclear Engineering for activation. Most of the 

copper samples were irradiated in the center of the reactor at a position 

of maximum neutron flux. Irradiation times were of the order of three 

to four hours at a power level between 25 and 30 kilowatts. The activi-

12 12 ties of the samples were in the range of 0.5 x 10 to 2.5 x 10 counts 

per minute per gram atom of copper. When compared to a cesium-137 

standard, this would correspond to 15 to 80 microcuries per milligram 

of copper. 

After removal from the reactor, the foil was stored in a lead 

transportation container for one hour to allow the short-lived copper-61 

isotope to decay away. Within the precision of the measurements, decay 

rates of standard solutions and samples were always in agreement with 

1 64 accepted values for the half-life of Cu , t^^ * *2.8 ± 0.1 hours. 

* Strominger, D., Hollander, J. M., and Seaborg, G. T., Revs. 
Mod. Phys., 30, 585(1958). 
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During the determinations of the solubility of copper chelates, 

the specific activity of the copper was reduced through decay. To avoid 

large counting errors, volumes of filtrate up to 100 ml were extracted 

with 5 ml quantities of chloroform. This served to concentrate the copper 

and increase the precision of solubility measurements towards the end 

of a run. 

Zinc -65 and Cobalt - 58 

These radioisotopes were received from the Oak Ridge National 

Laboratories in the form of dilute hydrochloric acid solutions. The 

solutions were transferred from their shipping containers to 50 ml 

volumetric flasks with hydrochloric acid washings. Aliquots removed 

from the radioisotope solutions were combined with aliquots of the cor

responding standard 0.01 M metal perchlorate solution prior to the pre

paration of chelates. Traces of iron-59 present in the cobalt-58 tracer 

were r emoved by scavanging with added ferric perchlorate and 8-quinolinol 

at pH 3.5.* The decay rates of samples of Zn^ and Co^ were followed 

65 for close to one year. The measured half-life of Zn , 248 days, was 

2 considered to be in agreement with the accepted values , 245 d., 244 d., 

58 and 246 d. The half-life measurement of Co , 77 days, was not in 

* Moeller, T., Ind. Eng. Chem., Anal. Ed., JL5, 346(1943). 

2 Strominger, D., Hollander, J. M., and Seaborg, G. T., Revs. 
Mod. Phys., 30, 585(1958). 
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agreement with the accepted values*, 71.3 d., 71.0 d., and 72 d. Accord-

60 ing to the supplier Co , t^ « 5.2 years, will be present as an impur-
58 ity in the Co to an extent of less than 5% of the activity. The apparent 

58 
half-life of Co and its y-ray spectrum were consistent with the 

60 presence of some small amount of Co . 

Solvents and standard solutions 

A solution of 0.01 M EDTA was prepared by dissolution of an 

appropriate amount of Eastman white label disodium salt of (ethylenedi-

nitrilo) tetraacetic acid. The solution was standardized against Mallin-

ckrodt primary standard calcium carbonate. Eastman Eriochrome 

2 Black T was used as an endpoint indicator. The solution was also 

standardized with dissolved sections of Baker Chemical Co. 0.005 inch 

diameter reagent copper foil using Eastman Pyrocatechol Violet end-

2 point indication. Results from the two standardizations were identical. 

Solutions of 0.01 M metal perchiorate solutions were prepared 

as described in section "Potentiometric Measurements, Standard Solu

tions." The solutions were standardized with the 0.1 M EDTA described 

2 above using Pyrocatechol Violet endpoint detection. 

* Strominger, D., Hollander, J. M., and Seaborg, G. T., Revs-. 
Mod. Phys., JO, 585(1958). 

2 Welcher, F. J., "The Analytical Uses of Ethylenediaminetetra-
acetic Acid," D. Van Nostrand Company, Inc., Princeton, N. J., 1958. 
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Fisher certified reagent chloroform was used without prior 

purification. 

Solvent Extraction Measurements 

General considerations 

The distribution of a metal chelate between a pair of immiscible 

solvents is dependent on the formation constant of the chelate, dissocia

tion constant of the reagent, pH, concentration of reagent in the organic 

phase, and distribution coefficients of the reagent and chelate. The first 

successful quantitative treatment of the course of chelate extraction was 

presented by Kolthoff and Sandell.* A more generally applicable extrac-

2 tion equation was proposed by Irving and Williams. During their investi-

3 gation of metal acetylacetonate extraction, Freiser and Steinbach were 

able to confirm the correctness of the theoretical extraction model. 

Proceeding from a low pH, a chelate will be extracted almost 

completely over a comparatively narrow pH range. D, the distribution 

ratio, rises to a maximum value which is , the distribution coeffi-
c 

cient of the chelate. In the absence of metal hydrolysis and further ligand 

* Kolthoff, I. M., and Sandell, E. B., J. Am. Chem. Soc., 63, 
1906(1941). 

2 
Irving, H. M., and Williams, R. J. P., J. Chem. Soc., 1949, 

1841. 

3 
Steinbach, J., and Freiser, H., Anal. Chem., 25, 881(1953). 
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addition, the maximum will remain constant throughout the high pH 

region. 

Apparatus 

Jacketed cylindrical separatory funnels with a capacity of 100 

ml. and equipped with Teflon stopcocks and ground glass stoppers replaced 

Fischer and Porter Co. funnels fitted with Teflon Ultramax valves used 

in the initial stages of the present study. An inlet and outlet fused to the 

outer wall of the extraction vessel permitted temperature-regulated 

water to be circulated from a Wilkens-Anderson Co. Lo-Temp bath. The 

outside diameter of the vessel was sufficiently narrow to permit embrace-

ment by a Burrel wrist action shaker. 

Reagent Distribution Constants 

Absorption spectra were recorded with a Cary Model 11 Spectro

photometer to establish the most suitable wave length and pH region for 

the determination of aqueous phase reagent concentrations. Final 

absorbance measurements were performed with a Beckman Model D. U. 

Spectrophotometer after a concentration absorbance dependence had been 

established over the range of analytical importance. The cells used 

were the one-centimeter silica type. 
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Chelate Distribution Constants 

Counting containers, radiation measurement equipment, and other 

accessory equipment have been described under "Solubility Measurements, 

Apparatus." 

Experimental procedure 

The phases were delivered to the separatory funnels with the 

same pipets when possible. The initial phase volumes were equal and 

unless otherwise noted 25 ml. The ionic strength of the aqueous phase 

was adjusted to 0.1 molar with constant ionic strength buffers. 

The shaking speed was approximately 400 cycles per minute. 

The shaking amplitude and position of the funnel were adjusted in order 

to contact the phases as thoroughly as possible without emulsification. 

Although the minimum shaking time for attainment of equilibrium was 

not determined, beyond one hour significant differences were not 

detected. On completion of extraction, phase separation occurred rapidly. 

Samples were removed by dipping a 5 ml pipet into the clear aqueous 

phase. During this time, a slight positive pressure was exerted through 

the empty pipet to prevent entrainment of chloroform droplets on the 

upper surface of the aqueous layer. Two successive 5 ml aliquots were 

removed. The pH and temperature measurements made immediately 

after sampling were assumed to be equilibrium values. 
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Reagent Distribution Constants 

The 5 ml sample of the aqueous phase was transferred to a 25 ml 

volumetric flask. Sufficient 0.2 M HCIO^ was added to attain a pH value 

between 1.4 and 1.6 after dilution. The absorbance of this solution was 

measured against 0.03 M HCIO^ as a blank. For each reagent a uniform 

slit width was employed in all measurements. 

Chelate Distribution Constants 

The preparation of copper - 64 for solvent extraction studies was 

the same as that described under "Solubility Measurements, Copper - 64.M 

From a sufficiently dilute stock solution, aliquots of copper - 64 solution 

were transferred to the separatory funnels prior to extraction. Each 5 

ml sample of the aqueous phase was transferred to a counting tube. After 

counting, all measurements were extrapolated to the counting time of a 

64 Cu standard which had been prepared from a dilution of the stock solu

tion. The maximum time difference between a sample and standard 

counting time was four hours. The data were extrapolated according to 

a 12.8 hour half-life for Cu^. 

Chelating agents 

The purification of 8-quinolinol and 2-methyl-8-quinolinol has 

been described under "Solubility Measurements, Chelating agents." 



4 -Methyl - 8 -quinolinol 

4 -Methyl-8 -quinolinol was prepared from methyl vinyl ketone 

and o-aminophenol by the Doebner-von Miller modification of the Skraup 

synthesis.^ After a vacuum distillation followed by two recrystalliza-

tions from 95% ethanol, the product melted at 140.0° - 142.0®, reported; 

141°.* Nitrogen analysis: calculated 8.80%, found, 8.90%. 

Solvents 

Reagent grade chloroform and carbon tetrachloride were used 

throughout the study. Traces of alcohol were removed from the chloro

form by extraction with water. 

* Phillips, J. P., Elbinger, R. L., and Merritt, L. L., J. Am. 
Chem. Soc., 71, 3986(1949). 



IV. DISCUSSION 

Acid Dissociation Constants 

The acid dissociation constants of chelating agents determined 

potentiometrically during this study have been summarized in Table I. 

A comparison of the acid dissociation constants of quinoline, pK * 4.85, * 

2 3 and a -naphthol, pK * 9.85, with those of 8-quinolinol, pK^ * 4.91 and 

3 pKg * 9.81, permits the proton releasing sites in 8-quinolinol to be 

identified as pK^ « pK^+ and pK^ • PkqH- Although comparable data 

are not available for the other isomeric quinolinols, the structurally 

similar isomeric aminophenols have been investigated. 

PK2 

p - aminophenol 4 5.50 j 10.304 
j 

m-aminophenol 4.17 
A 

9.87 
A 

o -aminophenol 4.72 9.71 

* Winstein, S., Grunwald, E., and Ingraham, L. L., J. Am. 
Chem. Soc. 70, 821(1948). 

^ Schenkel, H., Experientia, 4, 383(1948). 

3 Nasanen, R., Lumme, P., and Mukula, A., Acta Chem. Scand., 
5, 1199(1951). 

^ Kuhn, R., and Wasserman, A., Helv. Chim. Acta, 11, 1(1928). 

36 
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aniline 

phenol 

The structure of o-aminophenol contains the same sequence of 

atoms, H-O-C-C-N-, as 8-quinolinol and possesses acid dissociation 

constants similar to the parent compounds, aniline and phenol. The 

acid dissociation constants of the other aminophenols are markedly dif

ferent from aniline and phenol in most cases. 

The assignment is further supported by the trend of the dissocia

tion constants of 8-quinolinol in aqueous media of decreasing dielectric 

3 strength. The increase of pK,~ arises from the additional electrical 

work required to separate an uncharged species into two charged par

ticles. The pK^ decrease is consistent with the behavior of other cationic 

4 acids. Harkins has studied reactions of the type 

B + H+ « BH* 

* Benkeser, R. A., and Krysiak, H. R., J. Am. Chem. Soc., 75, 
2421(1953). 

2 Sprengling, G. R., and Lewis, C. W., J. Am. Chem. Soc., 75, 
5709(1953). 

3 Bjerrum, J., Schwarzenbach, G., Sillen, L. G., "Stability 
Constants, M Part 1, p. 68. The Chemical Society, London, 1957. 

4 
Harkins, T. R., and Freiser, H., J. Am. Chem. Soc., 77, 1374 

(1955). 

pK, P*2 

4.62 

9.94 
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which appear to be accompanied by greater entropy increases and constant 

enthalpy decreases in solutions of increasing water activity. According 

to Harkins the partial molal entropy of the nonpolar entity, B, is increased 

by the disruption of water structure surrounding B. 

Although the small differences between the dissociation constants 

of 8-quinolinol and the parent structures suggest that a superposition of 

the latter would not be accompanied by an important interaction between 

the hydroxyl group and heterocyclic nitrogen, a significant interaction can 

exist which involves effects of such magnitude and direction that they are 

effectively cancelled. For example, the protonated quinolinic nitrogen is 

stabilized by the additional resonance introduced by the unshared electrons 

of the hydroxyl group. Further stabilization may arize from hydrogen 

bonding to the neighboring oxygen atom. The inductive effect of the 

hydroxyl group opposes the acid weakening influences exerted by reson

ance and hydrogen bonding. The importance of hydroxyl induction in 8-

quinolinol is suggested by a comparison of the proton dissociation con

stant of ethylamine, PKjjjj * 10.81, * and ethanolamine, pK^ * 9.74.* 

As compared to a -naphthol, the replacement of a carbon atom 

by a more electronegative atom such as nitrogen to form 8-quinolinol 

should favor an increase in the acidity of the naphtholic hydrogen. 

1 Bruehlman, R. J., and Verhoek, F. H., J. Am. Chem. Soc., 
70, 1401(1948). 
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Opposing this tendency would be the degree to which the proton is 

attracted to the heterocyclic nitrogen by hydrogen bonding. 

In the present investigation, the acid dissociation constants of a 

group of 8-quinolinol-5-sulfonic acids were determined. The influence 

of sulfonic acid substituents on the basicity of aniline, the benzoate ion, 

and the phenoxide ion has been studied.1 In every case the acid strength 

was enhanced with para isomers showing a greater acid strength than 

meta isomers. The inference is that the negatively charged sulfonate 

group behaves as an electron withdrawer with resonance and induction 

operating in the same direction. 

In the following table, trends among simple sulfonated and unsul-

fonated aryl compounds are compared with 8-quinilinol and 8-quinolinol-

5-sulfonic acid. The magnitude of and the differences between the pK 

values of pairs of compounds appear to be a basis for the assignment of 

the proton releasing sites in 8-quinolinol-5-sulfonic acid. 

aniline pK = 4.62^ 

m-aminobenzenesulfonic acid pK • 3.75^ 

A pK • 0.87 

* Zollinger, H., Buechler, W., and Wittwer, C., Helv. Chim. 
Acta, 36, 1711(1953). 

o 
Benkeser, R. A., and Krysiak, H. R., J. Am. Chem. Soc, 75, 

2421(1953). 

3 
Zollinger, H., Buechler, W., and Wittwer, C., Helv. Chim. 

Acta, 36, 1711(1953). 



8-quinolinol P*NH1111 

8-quinolinol-5-sulfonic acid pK^ "4.09 

ApK » 0.85 

phenol pK »9.89^ 

3 p-hydroxy benzene sulfonic acid pK =8.88 

40 

1 

ApK - 1.01 

8-quinolinol 

8-quinolinol-5-sulfonic acid pK^ * 8.66 

ApK « 1.19 

The pK,, of 8-quinolinol-5-sulfonic acid corresponds to the 
& 

release of a proton from the heterocyclic nitrogen ana the pKg to the 

naphtholic hydrogen's liberation. 

The 3econd and third dissociation constants of 8-quinolinol-5-

sulfonic acid are in close agreement with those obtained by other 

* Nasanen, R., Lumme, P., and Mukula, A., Acta Chem. Scand., 
5, 1199(1951). 

2 Sprengling, G. R., and Lewis, C. W., J. Am. Chem. Soc., 75, 
5709(1953). 

3 
Zollinger, H., Buechler, W., and Wittwer, C., Helv. Chim. 

Acta, 36, 1711(1953). 
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1 2 3 4 5 investigators ' ' ' ' under comparable conditions. Values for the 

12 3 first dissociation constant, pK^ •« 2.04 ' and 1.3 have been reported 

4 5 by several investigators but not by others ' . pK^ was found to be less 

than 2.00 which is the approximate limit of reliability of the potentio-

metric method as applied in the present study. The ultraviolet absorp

tion spectrum of 8-quinolinol-5-sulfonic acid was recorded over the 

hydrogen ion concentration interval from 1.0 M. to 0.001 M. The spectrum 

indicated no dependence on pH which suggests that pK^ < 0. The gener

alization that sulfonic acids behave like strong acids is well founded. By 

use of galvanic cells without liquid junction with Ag, AgCl, and hydrogen 

electrodes, the logarithm of the mean activity coefficient of hydrochloric 

acid in various buffers containing p-phenolsulfonic acid or 4-chloro-

phenol-2-sulfonic acid was found never to fall below the Debye-Huckel 

6 
limiting slope in solutions of an ionic strength of 0.3 or less. Studies 

* Maiey, L. E. f  and Mellor, D. P., Austral. J. Sci. Res., 2, A, 
579(1949). 

2 Albert, A., and Magrath, D., Biochem. J., 41, 534(1947). 

Albert, A., Biochem. J., 54, 646(1953). 

Nasanen, R., and Uusitalo, E., Acta Chem. Scand., 8, 112, 
(1954). 

5 Richard, C. F., Gustafson, R. L., and Marteli, A. E., J. Am. 
Chem. Soc., 81, 1033(1959). 

fi 
Hamer, W. J., Pinching, G. D., and Acree, S. F., J. Research 

Nat'l Bur. Standards, 3JL, 291(1943). 
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of the absorption spectra of solutions of p-phenolsulfonic acid* and 

1 2 sulfonphthaleins ' at widely different pH values showed that the absorp

tion bands characteristic of the sulfonate salt are not changed by addi

tion of hydrochloric acid up to 1.9 M. in the former and 0.5 M. in the 

latter case. The possibility that ionized and nonionized sulfonic acid 

have exactly the same absorption index bands was rejected.* Conductiv

ity measurements of straight-chain sulfonic acids show that the sulfonic 

acid group is completely dissociated with micelle formation modifying 
3 the strong electrolyte properties as the chain length is increased. 

4 A similar study of a series of aromatic sulfonic acids also 

indicates the complete dissociation of the sulfonic acid group but a 

smaller tendency to form micelles than for straight-chain sulfonic acids 

containing the same number of carbon atoms. 

2 - Methyl- 8 -quinolinol-fr-gulfonic acid 

The acid dissociation constants of 2-methyl-8-quinolinol-5-sul-

fonic acid were found to be pK^ < 2.00, pKg * 4.73, and pK^ * 8.99. 

1 Hamer, W. J., Pinching, G. D., and Acree, S. F., J. Research 
Nat'l Bur. Standards, 31, 291(1943). 

^ Sager, E. E., Keegan, H. J., and Acree, S. F., ibid., 323(1943). 

3 McBain, £. L., Dye, W. B., and Johnston, S. A., J. Am. Chem. 
Soc., 61, 3210(1939). 

4 Norris, M. H., J. Chem. Soc;, 2161(1922), 



According to Phillips*, pE^ • 4.80 and pKj * 9.30, but the conditions 

were not specified. Comparable acid dissociation constants are larger 

for 2-methyl-8-quinolinol-5-sulfonic acid than for 8-quinolinol-5-sul-

fonic acid. This difference is consistent with the inductive and hyper-

conjugative effects of the methyl group. The dissociation constants may 

be assigned as pK2 « pK^ and pKg * PkqH . The ultraviolet absorption 

spectra of solutions of 2-methyl-8-quinolinol-5-sulfonic acid were not 

influenced by the hydrogen ion concentration over the pH range from 

zero to three. On this basis the upper limit of pK^ may be revised down

wards to pK^ < 0. 

2 - Methyl - 7 - br omo - 8 -quinolinol - 5 - sulfonic ac id 

The acid dissociation constants of this compound and 2-methyi-

8-quinolinol-5-sulfonic acid are compared with simpler but analagously 

substituted aryl compounds in the following tabulation. 

pKNH pKOH 
2-methyl-8-quinolinol-5-sulfonic acid 4.73 8.99 

2-methyl-7-bromo-8-quinolinol-5-sulfonic 3.32 7,96 
acid 

ApK: 1.41 1.03 

* Phillips, J. P., and Merrit, L. L., J. Am. Chem. Soc., 70, 
410(1948). 
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pK 

phenol 9.94 1 

o - br omophenol 8.42 3 

m-bromoaniline 

aniline 

ApKtQjj 1.52 

4.622 

3.514 

The reduction in base strength of the brominated derivative is 

consistent with the greater - I effect in opposition to the + R effect dis

played by aryl halides. 

7-Nitro-8-quinolinoi-5-sulfonic acid and 2-methyl-7-nitro-8-quinolinol-
5-sulfonic acid 

It was possible to determine only one dissociation constant, pKg, 

for these compounds by the potentiometric method. These values appear 

in a subsequent tabulation. Attempts to determine the first two constants 

potentiometrically were unsuccessful since they appeared to be less than 

0.01. 

1 Sprengling, G. R., and Lewis, C. W., J. Am. Chem. Soc., 75, 
5709(1953). 

2 Benkeser, R. A., and Krysiak, H. R., J. Am. Chem. Soc., 75 
242(1953). 

3 Judson, C.M., and Kilpatrick, M., J. Am. Chem. Soc., 7JL 3110 
(1949). 

4 Hall, N. F., J. Am. Chem. Soc., 52, 5115(1930). 
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The visible and ultraviolet absorption spectra of these compounds 

were recorded over the pH interval zero to three. In solutions of 7-nitro-

8-quinolinol-5-sulfonic acid of increasing pH, a strong band near 286 mpi 

was replaced by a new band close to 295 m^. A weaker band near 379 

increased in intensity and reached a maximum absorbance at a hydrogen 

ion concentration of approximately 0.01 M. Isosbestic points were 

observed close to 265 290 m^, 305 mp, and 340 m^, The dissocia

tion constant estimated from the first pair of bands and the 379 mp. band 

was pK * 0.4. The dissociation constant for the sulfonic acid group which 

corresponded to pK^ < 0 for 8-quinolinol-5-sulfonic acid is most prob

ably reduced even further by virture of the - I and - R effect of the nitro 

group. On this basis, the spectrophotometrically determined pK is 

assigned to 

The appearance and behavior of the spectra of 2-methyl-7-nitro-

8-quinolinol-5-sulfonic acid were similar to those of 7-nitro-8-quinolinol -

5-sulfonic acid. A strong band near 288 m^t was replaced by a new band 

of almost equivalent intensity close to 301 mA weak band near 373 mi-

increased in absorbance and reached a maximum at a hydrogen ion con

centration of approximately 0.001 M. Isosbestic points were observed 

close to 270 m^, 295 m^i, 310 mp., and 335 m^. The dissociation constant 

calculated from these spectroscopic observations was pK * 0.7. The 

corresponding basic center was considered to be the heterocyclic nitro

gen. 
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pKNH pKOH 

2-methyl-8-quinolinol-5-sulfonic acid 4.73 8.99 

2"^fyl"7"nitro"8"quinolinol"5"sulfonlc 0«7 6.24 

ApK 4.0 2.75 

8-quinolinol-5-sulfonic acid 4.09 8.66 

* ** 
7-nitro-8-quinolinol-5-sulfonic acid 0.4 5.62 

ApK 3.7 3.04 

PK 

phenol 9.95* 
o 

o-nitrophenol 7.23 

ApK
OH 2.72 

aniline 4.62^ 

4 m-nitroaniline 2.45 

ApKNlI 2-17 

* 
Spectrophotometric value. 

A spectrophotometric value of 5.8 was obtained. 

i 
Sprengling, G. R., and Lewis, C. W., J. Am. Chem. Soc., 75, 

5709(1953). 

2 Judson, C. M., and Kilpatrick, M., J. Am. Chem. Soc., 71, 
3110(1949). 

3 
Benkeser, R. A., and Krysiak, H. R,, J. Am. Chem. Soc., 75t 

242(1953). 
4 Kilpatrick, M., and Arenberg, C. A., J. Am. Chem. Soc., 75, 

3812(1953). 
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The dissociation constants of 7-nitro-8-quinollnol-5-sulfonic 

acid obtained by potentiometric measurements with and without liquid 

junction were reported in a previous investigation.* 

For comparable solution conditions, the value of pK~.,, 5.6i, 
UH 

is in close agreement with that obtained in the present study, but the 

value for pK^g, 1.72, is in marked disagreement with the spectro

photometry value obtained in the present work. 

Chelate Formation Constanta 

The formation constants of the chelates determined potentio-

metrically during this investigation have been summarized in Table 2. 

In those cases when constants have not been tabulated, chelation had 

occurred prior to the start of the titration. Since in many cases, appre

ciable chelation occurred at comparatively high hydrogen ion concen

trations, the molar ratio of reagent to metal was not increased beyond 

five or six to one, which represents an excess of two to three times 

that required for complete reaction. Furthermore, the reagents were 

sparingly soluble and in the case of the nitrated compounds, rapid stir

ring for as long as an hour was required to achieve complete dissolution. 

The titrations were continued beyond the region where chelation occurred 

* Nasanen, R., and Uusitalo, E., Suomen Kemistilehti, B 28, 17 
(1955). 
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and terminated at pH 11. In no instance was precipitation observed dur

ing the addition of base. 

In the absence of metal ions, the first 5 ml of 0.1 N sodium 

hydroxide were required to neutralize protons derived from the sulfonate 

group, weakly basic centers such as the quinoline nitrogen and excess 

perchloric acid. In the presence of copper ion, for instance, the first 

inflection point was shifted to higher volumes of base. The displacement 

of the titration curve must arise from the protons released by the reaction 

of the metal with the reagent. The equivalent weight of copper calculated 

from a titration curve displacement was always consistent with the 

stoichiometry of the complex as indicated from the smooth maximum 

value of the formation function, n. 

Chelates of 8-quinolinol-5-sulfonic acid and 2-methyl-8-quinolinol-5-
sulfonic acid 

It was mentioned previously that a comparison* between the 

thermodynamic formation functions of the chelates of 2-methyl and 4-

mett|yl-8-quinolinol established a basis for evaluating the steric proper

ties of the 2-methyl group. Because of the extreme insolubility of these 

chelates, data for certain metal ions were not obtained and in other 

cases data had to be obtained by extrapolation. 

1 Johnston, W. D., and Freiser, H., Anal. Chim. Acta, 11, 201 
(1954). 
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The Introduction of a sulfonic acid group into the 8-quinolinol 

nucleus should serve to increase the solubility of both the parent com

pound and its chelates. The 2 : 1 chelate will, as a consequence, have 

a double negative charge. The 1 : 1 chelate will be uncharged, but the 

almost certain existence of a strong dipole formed by the sulfonate group 

and the metal will exert a strong solubilization influence. 

Since the proton affinity of 8-quinolinol-5-sulfonic acid is less 

than that of the 2-methyl derivative, lower chelate stabilities with the 

latter compound would be strong evidence for steric hindrance by the 

1 2 methyl group. The free energies and heats of chelate formation 

obtained for 8-quinolinol and 2-methyl-8-quinolinol support this conten

tion. 

For the complexes of almost all ligands, the stability varies as 
A 

Zn(n) < Cu(II) > Ni(II) > Co(n) > Fe(n) > MnCH).0' The order of chelate 

D 5 stability for 8-quinolinol and 8-quinoiinol-5-sulfonic acid decreases 

* Johnston, W. D., and Freiser, H., Anal. Chim. Acta, .11, 201 
(1954). 

2 Fleischer, D., and Freiser, H., J. Phys. Chem., 63, 260(1959). 

3 
Calvin, M., and Melchior, J., J. Am. Chem. Soc., 70, 3270 

(1948): 

4 Irving, H., and Williams, R. J. P., Nature, 162, 746(1948). 

5 Bjerrum, J., Schwarzenbach, G., and Sillen, L. G., "Stability 
Constants, Part I: Organic Ligands, " The Chemical Society Special 
Publication No. 6, London, 1957. 
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as Cu(n) > Ni(H) > Co(n) > Zn(n) > Mn(n) and Is consistent with the 

usual order. The stability order observed for 2-methyl-8- quinolinol* 

was Cu(H) > Zn(n) > Co(H) > Ni(n) >Mn(H). The order of stabilities of 

Zn(n) and Ni(Il) are interchanged as compared to the 8-quinolinols with

out substitution in the number two position. The stability order of the 

chelates of 2-methyl-8-quinolinol-5-sulfonic acid as determined in the 

present study, was Cu(n) > Zn(II) > Ni(n) = Co(n). The order is the 

same as the 2-methyl-8-quinolinol order except for the similar stabili

ties of Ni(n) and Co(13). For the same metal ion, the chelates of 2-

methyl-8-quinolinol-5-sulfonic acid are less stable than those of 8-quin-

olinol-5-sulfonic acid. The stability decrease is in accord with the 

steric limitations imposed by the 2-methyl group. 

It is of interest to contrast the influence of a 5-sulfonic acid 

2 3 
group on the stabilities of 8-quinolinol chelates. Nasanen and Albert 

have studied both reagents under slightly different conditions. The data 

from both investigations show that although the proton affinity of 8-quin

olinol-5-sulfonic acid is appreciably less than 8-quinolinol, the stabili

ties of the chelates are sensibly the same. Factors of potential importance 

* Johnston, w. D., and Freiser, h., Anal. Chim. Acta, jul, 201 
(1954). 

o 
Nasanen, R., and Uusitalo, E., Acta Chem. Scand., 8, 112, 

(1954). 

^ Albert, A., Biochem. J., 54, 646(1953). 
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in this similarity are, first, enhanced resonance stabilization of the 

chelate by conjugation with the sulfonate group, and, secondly, a more 

favorable electrostatic interaction between the metal ion and the doubly 

charged 5-sulfo-8-quinolinolate anion. 

The addition of a third 8-quinolinol-5-sulfonic acid molecule to 

Co(n) and Ni(n) was indicated from an analysis of their titration data. 

Since the completion of this study, another investigation* has reported 

similar results. Only in the case of Ni(n) was the addition of a third 

molecule of 2-methyl-8-quinolinol-5-sulfonic acid demonstrable. The 

stabilities of the Co(13) and Zn(II) tris-chelates were beyond the limits 

for which reliable measurements could be made. Combining the Co(n) 

and Ni(II) data from this study with comparable data of the previous 

investigation*, the stability order for the chelates of 8-quinolinol-5-sui-

fonic acid based on their maximum coordination is considered to be 

Ni(n) > Cu(n) > Co(n) > zn(n) > Mn(n). The comparable stability order 

for 2-methyl-8-quinolinoi-5-sulfonic acid is Ni(n), Cu(II) > Zn(II), Co(II). 

Since gallium (m) possesses a smaller ionic radius than Ni(n) 
2 and forms a well-characterized tris-2-methyl-8-quinolinol chelate, the 

formation of a tris-2-methyl-8-quinolinol-5-sulfonic acid chelate of 

* Richard, C. F., Gustafson, R. L., and Martell, A. E., J. Am 
Chem. Soc., 81, 1033(1959). 

2 Irving, H., Butler, E. J., and Ring, M. F., J. Chem. Soc., 
1489(1949). • 
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Ni(II) is not without precedent. The formation of this chelate promotes 

Ni(n) from a position of comparatively low stability in the order of 

metal ions with 2-methyi-8-quinolinols to a position more similar to 

the order observed with 8-quinolinol. As a consequence, the seemingly 

greater sensitivity of Ni(II) to 2-substituted 8-quinolinols, does not 

exist when stabilities based on maximum coordination are compared. 

In this connection, it is of interest to note the results of a 

recent investigation of the stabilities of o-phenathroline chelates.* The 

addition of a third o-phenanthroline molecule to Fe(n) resulted in an 

abnormal increase in its stability. Irving* proposed that the replace

ment of the last pair of coordinated water molecules by an o-phenanthro

line molecule increased the ligand field strength to the point where 

spin-pairing occurred in the ground state of Fe(II). The electronic 

structure of Ni(II) does not permit enhanced stabilization through ground 

state spin-pairing, but increased stabilization through further separation 

of the 3d orbitals upon the addition of a third chelate molecule is likely. 

Since a similar stabilization is not possible for Zn(II), a basis may now 

exist for the change in the Zn(n) and Ni(n) order. 

* Irving, H., "International Conference on Coordination Chem
istry, " p. 13, The Chemical Society Publication No. 13, London, 1959. 
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Chelates of 2-methyl-7-bromo-8-qulnollnol-5-sulfonic acid 

The stabilities of the chelates of this compound were two orders 

of magnitude less than the corresponding chelates of 2-methyl-8-quin-

olinol-5-sulfonic acid. This difference is of the same order as that 

reported for the chelates of a-bromotropolone and tropolone. * For Ni(Q) 

and Zn(n), the chelate stabilities of a-bromo-tropolone were 50 and 20 

times, respectively, less stable than the corresponding chelates with 

tropolone. The decreased basicity of these brominated ligands is in 

accord with the electron withdrawing ability of the bromine atom. 

The order of chelate stabilities based on log 2 was Cu(n) > 

Zn(n) > Ni(n) > Co(II). The comparatively low stabilities of these chelates 

did not allow their formation functions to be extended into the region 

where the addition of a third ligand would be observed. 

Chelates of 7-nitro-8-quinolinol-5-sulfonic acid and 2- methyl-7- nitro -
8-quinolinol-5-sulfonic acid 

The chelate stabilities of these compounds were in the range of 

three to five orders of magnitude less than the corresponding stabilities 

with the compounds not containing the nitro group. The decreased stabil

ity arises from the electron-withdrawing influence of the nitro group 

which has been discussed previously. The extent of destabilization of 

1 
Bryant, B. E., and Fernelius, W. C., J. Am. Chem. Soc., 76, 

4864(1954). 



54 

the chelates of 2-methyl-7-nitro-8-quinolinol-5-sulfonic acid appears 

to differ markedly among the several metal ions studied. The order of 

destabilization as measured by the stability decrease on the introduction 

of the nitro group is Zn(II) > Co(II) > Ni(II) which is reflected in the 

stability order as Cu(n) > Ni(n) > Zn(II), Co(n). This stability order is 

in better agreement with the order observed for 8-quinolinol and 8-quin-

oiinol-5-sulfonic acid than any other 2-methyl derivative thus far studied. 

A similar comparison of the chelates of 7-nitro-8-quinolinol-5-

3ulfonic acid was not possible because the chelates were almost completely 

formed prior to titration, in most cases. However, sufficient stability 

aata were obtained with this compound to establish that steric hindrance 

was still a factor in the formation of the chelates of 2-methyi-7-nitro-

8-quinolinol-5-sulfonic acid. The staoility order obtained for 7-nitro-

8-quinolinoi-5-sulfonic acid is Cu(n) > Ni(II) > Co(n) > Zn(n). Forma

tion constants were in satisfactory agreement with a previous study* of 

7-nitro-8-quinolinol-5-suifonic acid. The formation of a 3 : 1 nickel 

chelate was indicated for the first time in the present study. 

A necessary condition for certain comparisons of stability differ

ences among metals with the same iigand and among stability orders 

with different ligands is that differences among the entropies of chelation 

are negligible. If this ideal is closely approached for the chelates of 

* Nasanen, R., and Uusitalo, E., Suomen Kemistelehti, B 28, 
17(1955). 
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2-methyl-8-quinolinoI and its derivatives, it is possible, for example, to 

compare Zn(n) and Ni(n) under the condition of decreasing ligand base 

strength. The order of decreasing base strength may be considered to 

be 2-methyl-8-quinolinol > 2-methyl-8-quinolinol-5-sulfonic acid > 2-

methyl-7-bromo-8-quinolinol-5-sulfonic acid > 2-methyl-7-nitro-8-

quinolinol-5-sulfonic acid. The corresponding Ni(II) and Zn(n) stabilities 

are Zn > Ni, Zn > Ni, Zn a Ni, Ni > Zn. 

As the base strength of the ligand decreases, the chelates of Ni(n) 

appear to become more stable than Zn(II). It is possible to describe sev

eral ways in which the Ni(n) and Zn(n) stabilities become reversed. The 

nature of the successive substitutions of 2-methyl-8-quinolinol is in the 

order of increasing ability of the ligand to stabilize the chelate through 

enhanced resonance. The nature of the 3d orbitals of Ni(n) is more 

favorable than that of Zn(n) for resonance stabilization. 

The decrease of ligand basicity is also accompanied by an 

increase in the size of the groups attached to the 7-position of the ligand. 

This could provide an increasing shield against the solvent. According 

to Johnston, * solvent repulsion arising in this manner will raise the 

entropy of chelation. Since the ionic radius of Ni(II) is smaller than 

Zn(n), it is possible that solvent shielding is more effective in the case 

of Ni(H) for the substituents encountered in this study. 

* Johnston, W. D., and Freiser, H., Anal. Chim. Acta, 11, 201, 
(1954). 
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DlfltribuUon constants of 8-quinolinol, 2 -methyl- 8 -quinollnol and 4-
methyl-8 -qulnolinol 

12 3 Lacroix , Dyrssen , and Jankowski have Investigated the dis

tribution of 8-quinolinol between water and chloroform as a function of 

pH. Proceeding from a low pH, the distribution ratio increases, passes 

through a maximum, and decreases in the higher pH region. The extrac

tion behavior of 8-quinolinol is readily explained on the basis of its 

ampholyte properties. In the low pH range, extraction is opposed by 

protonation of the quinolinic nitrogen. Dissociation of the phenolic hydro

gen results in back extraction in the high pH region. The extraction 

maximum occurs at the isoelectric point where pH *= l/2(pK^ + pKg). In 

the case of 8-quinolinol, pK^ and pKg are sufficiently separated so that 

the maximum is extended to a plateau on either side of the isoelectric 

point. 

For the special case yielding a broad flat maximum, the distribu

tion ratio corresponding to the maximum may be equated to the distribu-

4 tion constant, K^, of the reagent. Although isoelectric points were not 

* Lacroix, S., Anal. Chim. Acta, 1, 260(1947). 

2 Dyrssen, D., Svensk Kem. Tidskr., 64, 213(1952). 

3 Jankowski, S., and Freiser, H., Anal. Chem., 33, 776(1961). 

4 Morrison, G. H., and Freiser, H., "Solvent Extraction in 
Analytical Chemistry, " John Wiley and Sons, Inc., New York, 1957, 
p. 54. 
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determined in the present study, it was possible to predict that extrac

tion maxima would most likely occur in the pH region 7.0 to 8.0 from 

published values^for the dissociation constants of these reagents. 

Over approximately one unit change in pH close to the neutral region, 

distribution ratios were constant and were considered to be measures 

of the reagent distribution constants. These data have been summarized 

in Tables HI, IV, and V. The precision of these measurements is ± 3%. 

Under the same conditions of ionic strength, the distribution 

constant of 8-quinolinol in the chloroform-water system, log kjj * 2.66, 
r> 

may be compared with a value, log « 2.59, * interpolated from pre

viously published extraction data for this compound. A distribution con-

3 slant reported for 5-methyl-8-quinolinol, log • 3.28, is in excellent 

agreement with the 4-methyl-8-quinolinol value, log Kj^ • 3.27, but a 

3 previously published value for 2-methyl-8-quinolinol, log - 3.4, is 

in only fair agreement with the corresponding value, log = 3.22, 

obtained during the present study. 

The lower distribution constants for 8-quinolinol, observed in 

both the chloroform and carbon tetrachloride systems, when compared 

1 Bjerrum, J., Schwarzenbach, G., Sillen, L. G., "Stability 
Constants, Part I: Organic Ligands," The Chemical Society, Special 
Publication No. 6, London, 1957. 

2 Dyrssen, D., Dyrssen, M., and Johansson, E., Acta Chem. 
Scand., 10, 341(1956). 

3 
Dyrssen, D., Rec. trav. chem. Pays Bas, 75, 753(1956). 



to the alkyl 8-quinolinols is consistent with the larger hydrocarbon con

tent of the latter compounds. Although the agreement between the distri

bution constants for 4-methyl-8-quinolinol and 5-methyl-8-quinolinol 

mentioned previously may be fortuitous, their similarity is in accord 

with their identical molecular weights and the nature of the difference 

between their structures. During the present investigation, the distri

bution constant of 2-methyl-8-quinolinol was found to be slightly less than 

the corresponding value for 4-methyl-8-quinolinol for both the chloro

form and carbon tetrachloride systems. 

This raises considerable doubt as to the importance of the solvent 

shield presented by the 2-methyl group. Since the oxygen-hydrogen 

stretching frequencies of 8-quinolinol, 2-methyl-8-quinolinol, and 5-

methyl-8 -quinolinol as reported by Dyrssen* were almost identical, and 

2 the proton affinities of 2-methyl-8-quinolinol and 4-methyl-8-quinolinol 

are sensibly the same, no important solvation difference between the 

latter pair of compounds would be expected on the basis of their proton 

affinities. 

If the data are taken at their face value, an additional factor 

could influence the extraction of 2-methyl-8-quinolinol. A small depend

ence of the distribution constant of 8-quinolinol on the concentration of 

* Dyrssen, D., Rec. trav. chem. Pays Bas, 75, 753(1956). 

2 
Johnston, W. D., and Freiser, H., Anal. Chim. Acta., It, 201 

(1954). 
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8-quinolinol in chloroform has been reported.* These data show an 

increase of 0.03 in log units for every 0.1 molar increase in 8-quin-

olinol concentration. 

It is possible to cast these data into an expression from which a 

dimerization constant for 8-quinolinol in chloroform may be obtained. 
™6 

The value, 6 x 10 , obtained in this manner represents a small inter

action. Comparable data were not obtained during the present study for 

2-methyl-8-quinolinol and 4-methyl-8-quinolinol. If the concentration 

effect is truly a dimerization, the structural features which reduced the 

stabilities of metal chelates of 2-methyl-8-quinolinol might similarly 

influence the formation of the dimer and reduce its apparent distribution 

constant as compared to 4-methyl-8-quinolinol. Further studies in this 

area might very well be directed toward an elucidation of this problem. 

Distribution constants of the copper chelates of 8-quinolinol, 2-methyl-
8-quinolinol, and 4-methyl-8-quinolinol 

2 Dyrssen has reported distribution constants for chelates of 

thorium (IV) with several 8-quinolinol derivatives. In contrast to its 

behavior with 8-quinolinol (log • 2.63) and 5-methyl-8-quinolinol 

(log kjj * 3.0), thorium (IV) did not form an extractable complex com

pound with 2-methyl-8-quinolinol in the chloroform-water system. This 

* Dyrssen, D., Dyrssen, M., and Johansson, £., Acta Chem. 
Scand., 10, 341(1956). 

^ Dyrssen, D., Rec. trav. chem. Pays Bas, 75, 753(1956). 
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could arise from the inability of Th(IV) to coordinate four 2-methyl-8-

quinolinol molecules without severe steric repulsion occurring among 

the ligands. The distribution ratios of copper (II) chelates of 8-quinolinol 

and its derivatives studied during this investigation attained a value 

which remained constant over a range of three to four pH units near the 

neutral region. These data have been reported in tables VI through XI. 

The maximum in every case was identified with the distribution constant 

of the chelate. 

A source of considerable experimental difficulty in this range of 

pH was the low buffer capacity of these solutions. Attempts to preadjust 

the pH with sodium hydroxide and perchloric acid were unsuccessful in 

achieving a spread of measurements over the range of the extraction 

maxima. Since the stability constants* and the distribution constants of 

the copper chelates appear to be unusually large, the alteration of the 

course of copper extraction by the introduction of simple buffers could 

be negligibly small. In this study, the constancy of the extraction maxima 

was maintained in the presence of various buffers including phosphate, 

acetate, ammonia, and carbonate buffers. 

A slight decrease in the distribution ratios observed in the region 

of the highest pH studied could result from hydrolysis equally as well as 

* Bjerrum, J., Schwarzenbach, G., and Sillen, L. G., "Stability 
Constants of Metal Ion Complexes," Parts I and n, The Chemical Society, 
London. 
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significant metal complexation with the conjugate base portion of the 

buffer. Rough comparisons of the formation constants* of certain 

copper-buffer component complexes with the hydrolysis constants* of 

copper suggest that if a significant interference were present, it would 

be attributable to hydrolysis. 

The distribution constants of the copper (II) chelates of the methyl 

substituted 8-quinolinois are larger than those of 8-quinolinol for both 

the chloroform and carbon tetrachloride systems. The difference reflects 

the greater molecular weight and hydrocarbon contents of the substituted 

8-quinolinols. The effect of chloroform and carbon tetrachloride on the 

distribution constants of 8-quinolinol and its derivatives may be compared 

by examining the differences among the corresponding ratios of their 

distribution constants, A log Kn . For 8-quinolinol, 2-methyl-8-quin-
^R 

olinol, and 4-methyl-8-quinolinol, the A log Kn values are 0.58, 0.58, 
R 

and 0.54, respectively. This relatively constant difference indicates that 

with all three solutes, chloroform is a better solvent than carbon tetra

chloride. This might result from its greater ability to solvate through 

hydrogen bond formation as well as its higher dielectric constant. 

The distribution constants of the copper chelates may be compared 

in the same manner. For the 8-quinolinol, 2-methyl-8-quinolinol, and 

1 Bjerrum, J., Schwarzenbach, G., and Sillen, L. G., "Stability 
Constants of Metal Ion Complexes, M Parts I and n, The Chemical Society, 
London. 



4-methyl-8-quinolinol chelates, the A log Kp values are 1.43, 0.95, 
c 

and 1.26, respectively. It is interesting to note that these differences 

are more than twice those observed for the reagents. It would not be 

unreasonable to hypothesize that this reflects the interaction of both 

reagent moieties in the solvation of the chelate. If this is true, then 

trivalent and tetravalent chelates should show a corresponding increase 

in their log differences. In this same vein, the smaller difference 
c 

observed with the 2-methyl-8-quinolinol chelate is consistent with the 

possibility that solvation is of lesser importance in this sterically hin

dered chelate. 

It is of interest to note that the distribution constants of the 

copper (n) chelates of the 8-quinolinols are larger than the correspond

ing distribution constants reported for thorium (IV) * in the chloroform -

water system. This difference may be contrasted with the larger dis-

2 tribution constant of the acetylacetone chelate of thorium as compared 

3 to the acetylacetone chelate of copper in the acetylacetone-water system. 

* Dyrssen, D., Rec. trav. chem. Pays Bas, 75, 753(1956). 

2 
Krishen, A., and Freiser, H., Anal. Chem., 31, 923(1959). 

3 
Steinbach, J. F., and Freiser, H., ibid., 25, 881(1953). 
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It would be of further interest to determine whether the source of the 

difference arises from the nature of the ligands, metal ions, or solvent 

systems. 

The great similarity of the distribution constants of the copper 

chelates obtained at 25° C. and 2° C. suggests that the heat of extraction 

of these compounds may be of the order of several kilocalories per 

mole. 

Solubilities of 8-Quinolinol Chelates 

Although solubility products have been determined for a number 

of metal chelates of 8-quinolinol, measurements of the intrinsic solubil

ities of these compounds have not been reported. In contrast to earlier 

12 3 4 studies, ' ' the most recent investigations of the solubility products 

of 8-quinolinol chelates recognized the importance of soluble intermed

iate complexes. As a consequence, the solubility products for these 

compounds have become more accurately established. 

* Treadwell, W., and Ammann, A., Helv. Chim. Acta, 121, 1249 
(1938). 

^ Lacroix, S., Anal. Chim. Acta, _1, 260(1947). 

3 
Phillips, J. P., and Price, H. P., J. Am Chem. Soc., 73, 4414, 

(1951). 

4 Nasanen, R., Acta Chem. Scand., 6, 352(1952); Nasanen, R., 
and Penttinen, XJ., ibid., 837(1952); R. Nasanen, Suomen Kem., 26 B, 
No. 2, 11(1953). 
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That the intrinsic solubility, S°, of a chelate was simply related 

to its solubility product and formation constant was shown by Preiser.* 

2 Irving and Williams employed the same relationship to calculate the 

intrinsic solubilities of the 8-quinolinol chelates of the alkaline earth 

metals. From the trend which appeared to exist between the ionic radii 

of the group I1A metal ions and their intrinsic solubilities, it was pre-

2 dieted that an approximately ten-fold decrease of intrinsic solubilities 

might occur between manganese Q3) and copper (n). After the solubility 

products and first step-wise formation constants of these metal ions 

3 4 with 8-quinolinol had been reported, Irving and Rossotti calculated 

an average intrinsic solubility, log S° •= -6.6 ± 1.6, for all the divalent 

metal 8-quinolinol chelates for which appropriate data were available. 

In view of the wide range of stabilities and solubility products which 

were represented, this result might not have been otherwise suspected. 

4 Since Irving and Rossotti did not report their calculations for 

individual chelate intrinsic solubilities, these calculations have been 

repeated here for the several divalent transition metal ions and zinc (n), 

1 Freiser, H., Analyst, 77, 830(1952). 

2 Irving, H., and Williams, R. J. P., ibid., 813(1952). 

^ Nasanen, R., op. cit. 

^ Irving, H., and Rossotti, H. S., Analyst, 80, 245(1955). 
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All values are for 25° C. and zero ionic strength unless otherwise 

noted. 

M2+ log -log K ^ & so k x/ K 2> estimated -log S° W 

Co 8.65 24.77 21 8.8 

Ni 9.27 26.05 18 8.8 

Cu 12.56* 29.57 5 5.2 

Zn 8.56* 24.50* 12 8.4 

^ S° - K-SQP 2' accordinS to Freiser2 

20° 

The value for the ratio, K^/K^, was calculated by averaging 

3 values of and for the metal 8-quinolinol chelates obtained in 

various dioxan-water mixtures. 

A definitely larger intrinsic solubility for the copper chelate as 

compared to the other chelates is indicated. Since the temperature 

coefficient of the formation constant of the 8-quinolinol chelate of copper 

4 (II) has been determined, the tabulated value should actually be several 

tenths less. 

* Nasanen, R., o£. cit. 

2 Freiser, H., Analyst, 77, 830(1952). 
O ^ 

Bjerrum, J., Schwarzenbach, G., and Sillen, L. G., "Stability 
Constants, Part I: Organic Ligands, " The Chemical Society Special 
Publication No. 6, London, 1957. 

^ Fleischer, D., and Freiser, H., J. Phys. Chem., 63, 260(1959), 
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The solubilities of the metal chelates determined during the 

present study have been reported in Tables XII through XVI. The con

centration of the 8-quinolinol anion, [Ox ], which prevailed during the 

measurements was calculated from the measured pH, and values 

1 2 reported for the acid dissociation constants and intrinsic solubility of 

8-quinolinol under the same conditions of temperature and ionic strength. 

The data were plotted as the negative logarithm of the 8-quinolinol 

anion concentration against the negative logarithm of the metal solubility, 

pS. Proceeding from the lowest 8-quinolinol anion concentration, the 

solubility of zinc (n) appeared to decrease continuously, pass through a 

minimum and increase continuously. The behavior of the copper (II) 

chelate was similar except no increase in solubility was observed in the 

region of high reagent anion concentration. For the case of the cobalt 

(n) chelate, a region of constant metal solubility was observed followed 

by a region in which measurements were erratic and attainment of solu

bility equilibrium was slow. This latter behavior might be explained by 

a gradual oxidation of Co (II) to Co (ID), a not uncommon phenomenon 

with this metal. 

* Nasanen, R., Lumme, P., and Mukula, A., Acta Chem. 
Scand., 5, 1199(1951). 

2 Irving, H., Ewart, A. D., and Wilson, J. T., J. Chem. Soc., 
1949, 2672. 
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The data were treated according to the graphical methods 

described by Sillen* in the following manner. On the acid side of the 

solubility minimum, the experimental points were compared to normal-

2 ized curves of the type f(a) - CQ + C^a + , where f(a) * S, CQ • 

, C, • K iK and C0 «• K . In the case of zinc (n), the experi-^2 30' 1 1 so 2 so N " 

mental data obtained on the basic side of the solubility minimum were 

compared with normalized curves of the type f(a) « C + Co/a, where o J 

C3 - 3̂ s0 
a " l/[Ox~]. 

The values for zinc (n) obtained in this manner were log K • SO 

-23.34, log Ki « 8.52, log K0 » 7.32, and log « 4.32. These constants 1 Z o 

may be compared with values of the solubility productj log KgQ = -23.73, 

and the first formation constant, log * 8.12, both at 20° C., calculated 

from reported empirical equations relating these constants to solution 

ionic strength.^ 

Although corresponds to the formation of the species, Zn(Ox)g , 

the solubility measurements do not preclude the formation of species of 

the type Z^OXgOH) in the region of increasing zinc solubility. In this 

connection, it is of interest to note again that the stabilities of chelates 

* Sillen, L. G., Acta Chem. Scand., 10, 186(1956). 

^ Nasanen, R., and Penttinen, U., ibid., 6, 837(1952). 
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with 8-quinolinol and 8-quinolinol -5-sulfonic acid are nearly the same.* 

Potentiometric measurements (see "Discussion, Chelate Formation 

Constants") have indicated that nickel (II), for example, exhibited its 

maximum coordination number toward 8-quinolinol-5-sulfonic acid and 

2-methyl-8-quinolinol-5-sulfonic acid. However, reliable measurements 

could not be made in the region in which the addition of a third 5-sulfonic 

acid derivative to zinc (EL) would occur as predicted from the solubility 

measurements. Constants obtained from solubility measurements con

ducted under conditions where the solvent is saturated with respect to 

uncomplexed 8-quinolinol will not be as vulnerable to errors arising 

from hydrolysis as potentiometric measurements. In the potentiometric 

method, it is not possible to obtain useful results when measurements 

are made in the presence of undissolved chelating agent. The solubility 

method allows a wide range of pH to be surveyed with a constant ratio 

of hydroxyl ion and reagent anion concentrations always present. 

The values obtained from the graphical analysis of the solubility 

data for the 8-quinoiinol chelate of copper were log KgQ * -29.26, log = 

12.10, and log K^ m 10.90. These constants may also be compared with 

values of the solubility product, log KgQ * 28.81 and first stepwise forma

tion constant, log (20° C.) * 12.12 which were calculated from empir

ical equations relating these constants to ionic strength as reported by 

i 
Bjerrum, J., Schwarzenbach, G., and Sillen, L. G., "Stability 

Constants, Part I: Organic Ligands, " The Chemical Society Special 
Publication No. 6, London, 1957. 
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Nasanen and Penttinen.* The intrinsic solubilities of 8-quinolinol chelates 

determined during the present study are 

**2+ . _o M -log 3 

Co 5.30 

Cu 6.26 

Zn 7.50 

The measurements are distributed within the range of solubilities 

previously predicted for these compounds. 

Since the precision of the measurements was obtained to better 

than 0.1, conclusions which may have been fo. ned by considering chelate 

2 intrinsic solubilities to be independent of the metal ion can no longer be 

3 considered valid. Merritt has considered the pH of precipitation of 8-

quinolinol chelates as a basis for evaluating their stability constants. 

Since the intrinsic soluoilities of the 8-quinoiinol chelates do not follow 

their stability order, conclusions based on measurements of pH of 

incipient precipitation have no general applicability. 

Only in the case of the dihydrate of the 8-quinolinol chelate of 

4 zinc(n), ZnOXg • ^HgO, has a complete crystal structure analysis been 

* Nasanen, R. and Penttinen, U., Acta Chem. Scand. 6, 837(1956). 

^ Irving, H., and Rossotti, H. S., Analyst, 80, 245(1955). 

Merritt, L. L., Rec. Chem. Prog., Kresge-Hooker Sci. Lab., 
10, 59(1949). 

4 Merritt, L. L., Cady, R. T., and Mundy, B. W., Acta Crys., 
7, 473(1954). 
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performed. The powder photographs of the chelate dihydrates of Cu (II), 

Ni (n), Cd (II), and Co (n) were compared with the corresponding photo

graph of the Zn (n) chelate by Mundy. * On the basis of identical line 

distances and intensities among the photographs, the crystals were con

sidered to form an isomorphous group. That differences in crystal 

energies may exist among these structures is suggested by the thermo-

2 gravimetric studies of Borrel and Paris , even though the temperatures 

of hydrate decomposition are not an unambiguous criterion for the order 

of crystal stability. 

Chelate Temperature of Temperature of 
____ hydrate decomposition chelate decomposition 

CuOx2 . 2H20 60° C. 304° C. 

CoOxr . 2H00 72 305 
^ CA 

ZnOx2 . 2H>20 123 306 

The temperatures of decomposition of the anhydrous chelates are 

within a temperature range of two degrees while the loss of water occurs 

over a 63° range. 

By comparison with copper (II), the basis for specificity of di-

3 methylglyoxime for nickel (II) has been shown to arise from the greater 

* Mundy, B. W., Ph.D. thesis, University of Indiana, Bloomington, 
Ind., 1948. 

2 Borrel, M., and Paris, R., Anal. Chim. Acta, A, 267(1950). 

3 Fleischer, D., Ph.D. thesis, University of Pittsburgh, Pitts
burgh, Pa., 1958. 



heat of solvation of the copper (n)-dimethylglyoxime chelate. From the 

measurements of the intrinsic solubilities of the 8-quinolinol chelates 

reported here, one cannot establish the basis for the differences among 

their solubilities. These differences are a function of the free energies 

corresponding to the molecular crystal energy and the solvation energy 

of the chelate vapor. 

It is possible to separate differences in crystal energies from 

differences in solvation energies by finding a solvent in which the heats 

of solvation of both species are equal. The closer the chemical composi

tions and structures of the several compounds are, the closer the condi

tion can be approached. It is conceivable that certain 8-quinolinol chelates 

when dissolved in organic solvents display concentrations which reflect 

their crystal energies almost completely. If this is true, the source of 

the differences of the 8-quinolinol chelate solubilities would be established. 



V. CALCULATIONS 

pH Correction 

A correction factor was determined for the potentiometric meas

urements by comparing pH meter readings obtained in the titration of 

perchloric acid and sodium hydroxide with theoretically calculated hydro

gen ion concentrations. For an ionic strength of 0.005 M and 25° C., it 

was possible to correct pH meter readings to hydrogen ion concentrations 

by subtracting 0.03 from the pK meter reading. 

Acid Dissociation Constants 

The dissociation of a quinolinol-sulforac acid may be simply 

represented as 

h3
r+ - h+ + h2r 

h2r r h+ + hr~ 

hr™ - h+ r= 

from which 

[H+] [ H„R] . [H+ ] [ HR" ] [H+ ] [ R* ] 
ac - ' ^ I 

1 [H3R ] [H2R] [ HR ] 

72 
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Suitable expressions from which k^, kg, and kg may be evaluated 

from data obtained in a potentiometric titration can be derived from a 

consideration of the following equations: 

Material balance: 

Tr « [H3R+] + [H2R] + [HR"J + [R"] 

Charge balance: 

[H+] + [Na+] + [H3R+] = [ClO^ ] • [OH"] + [HR_] + 2[R"] 

In these expressions, T0 refers to the total concentration of the 

reagent and [ClO^] refers to the concentration of added perchloric acid. 

These equations may be combined to yield the following expres

sion 

[H+]3 (S-2Tr) + [H+]2(S-Tr) + k2k3(S + Tr) + k2S[H+] = 0 

kl 

where 

S * Tr + [C104] + [OH"] - [H+] - [Na+] 

Since k. corresponds to the strongly acidic sulfonic acid group, 

k^ » [H+], and the term, ] (S-2T^) ^ may negiected. For the 

region where k£ = [H+] and [H+] » k^, the term, k^k^S +• T^) , may 

be neglected and j-g+j (S + T ) 

k2 " S — 
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For the region where kg s [H+] and k2 » [H+], the term, [H+]2(S-TR), 

may be neglected and 

[H+] S 

A tabulation of acid dissociation constants may be found in the 

Appendix, Table I. Experimental titration data from which these constants 

are derived also appear in the Appendix. 

Chelate Formation Constants 

The derivations of the equations used to calculate the stability con

stants of metal chelates from reactions involving a divalent metal ion and 

a reagent l aving an uncharged group and an ionic group have been com

pletely developed y Jo< nstor .1 Joi nston also suggested the several modi

fications which would je necessary to generate suitable expressions for 

the case of a divalent metal ion and a reagent having an uncharged group 

and two ionic groups. Tnese recommendations were the basis for calcu

lations of the stability constants presented in this study. The stepwise 

formation constants of the chelation reactions, 

M++ R= Z MR 

MR + R* r M R2
X 

MR2* R* Z MRg'4 

* Johnston, W. D., Ph. D. thesis, University of Pittsburgh, Pitts
burgh, Pa., 1952. 
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may be expressed by the following equations 

K , -  ^  ;  K 2  -  _ [ M R 2 ^ _  .  .  [MR3- 4 ]  

[M++] [H"] [MR] [R=l [MR2"] pR"] 

while the constant corresponding to the over-all reaction 

t-,— .,t-» 2n-2 M + nR _ MR 
n 

is given oy 

[MR 2n"2] 
^ . ii = K1K0, ..K 

n [M++] [R"]n 1 2 :-

These constants may be evaluated l:v the method of Bjerrum* which con

sists of plotting 11, the average numoer of donor groups Dound per metal 

ion present in the system, versus pR, the negative logarithm of the donor 

concentration. It can be shown that the pR values corresponding to r, * 

0.5, n * 1.5, n * 2.5 are equal to log K^, log Kand log K^, respec-

___ 12 tively At the points n * 1.0 and n « 2.0, pR is equal to (K^Kg) ' and 

(K2K3)1/2, respectively. 

Suitable expressions from which 11 and pR may be evaluated 

from data obtained in a potentiometric titration can be derived from a 

consideration of the following expressions: 

* Bjerrum, J., "Metal Ammine Formation in Aqueous Solution, " 
P. Haase and Son, Copenhagen, 1941. 
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Material balance for metal: 

tM * + tMR2,"3 + tMRa"4] 

Material balance for reagent: 

Tr - [H3R+] + [H2R] + [HR~] + [R*] + [MR] + 2[MR2"] + 3[MR3"4] 

Material balance for perchlorate: 

[CIO*] - A + 2Tm 

Charge balance: 

[Na+] + [H+] + 2[M++] + [H3R+] « [ClO^] + [OH-] + [HR~] + 2[R*] + 

2[MR2*] + 4[MR3~4] 

In these expressions, T refers to the total concentration of a 

species and A refers to the concentration of added acid. The brackets 

have their usual meaning. 

The acid dissociation constants of the reagent have been expressed 

33 [H+] [H2R] [H+] [HR"] [H+] [R=] 

kl " [H3R+] ' k2 " [H2R] ' k3 = [HR"] 

These equations may be combined to yield the following expres

sion 

[H*]3 + kx[H+]2 + kjk^H*] + 
n T,„ « T„-S M R 1 or, T+i3 . rr,+i2 3[H+] + 2k1[H+] + k1k2[H+] 
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where 

S = 2TR + A + [OH-] - [Na+] - [ H+ ] 

Since k^ corresponded to the strongly acidic sulfonic acid group 

and » [H+] , the expression may be simplified to 

S ( [ H + ] + k 2 )  s k 2 k 3  

M R 2[H+] + k2 [H+] (2 [H+] + k2) 

and the expression for [R~] may be obtained as 

_ S k9kr 

[R~] = -- - - J 

[H+] (2 [H+] +- k2) 

The Determination of the Coefficients in Polynomials 
by Curve-fitting 

Siller.* has presented graphical methods for determining a num

ber of unknown parameters p^, p2 . . . from a set of data y(x) when the 

function y (x^p^, p^ . . .) is known. If x, y, and may be so chosen 

that one or two parameters can be connected with the variables to form 

"normalized variables" X = x + p^, Y = y + p^, the parameters may be 

iound by fitting normalized curves. 

* Sillen, L. G., Acta Chem. Scand., 10, 186 (1956). 
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The method may be applied to some number of experimental 

points (a, f) which are obtained over a certain range of the variable, a, 

where f is related to a by 

2 f(a) = c^ + cya+cya 

CQ, C^, and being unknown constants to be determined. 

Setting as experimental variables 

(1) 

x - log - ; y = log f (2) 

the following normalization may be used 

X * x + p log v 

2, Y = y + p2 « log (1 + pgv + ) 
(3) 

Solving p1? p.-,, and p„ from (1), (2), and (3) it is found 1 4 

-x0 - P1 * 1/2 loS C2 " 1//2 log Co 

"yo " p2 - log C o 

log P3 « log - 1/2 log Co - 1/2 log C; 

(4)  

A family of curves Y (X) may be calculated from (4). The curves 
p3 

have two common asymptotes Y * 0 and Y « 2X. For a given set of 

experimental data y(x), eqn. (2), is moved so as to give the best fit 

with one of the curves, Y(X) . The shape of the curve gives p„, and 
P3 o 

the coordinates (x , y ) coinciding with (X * 0, Y * 0) give -p1 and -p0. 
0 0 X m 



The required constants are calculated from (4) 

l°gCo - "P2 

log C. p1 - p9 + log p, (5) 

log C, 2pi " p: 

The solubility expression for the 8-quinolinol chelate of copper 

is 

S = K,K0K + K.K / [Ox l + K /[Ox"]2 
1 2 30 1 so 1 1 so/ 1 1 

where K, and Kn are the stepwise formation constants, K , the 
12 so 

solubility product, [Ox ], the molar concentration of the 8-quinolinol 

anion and S, the total concentration of copper. The constants CQ, C^, 

and are identified as 

C « K.K-.K 0 1 2 so 

C, » K,K 1 1 so 

C., K so 



VI. SUMMARY 

The Calvin-Bjerrum potentiometric method for the determination 

of chelate formation constants has been utilized in a study of the forma

tion of several transition metal chelates of 8-quinolinol-5-sulfonic acid, 

2-methyl-8-quinolinol-5-sulfonic acid, 2-methyl-7-bromo-8-quinolinol-

5-sulfonic acid, 2-methyl-7-nitro-8-quinolinol-5-sulfonic acid, and 7-

nitro-8-quinolinol-5-sulfonic acid. The proton dissociation constants of 

these compounds have been determined by either potentiometric or 

spectrophotometry methods. The results of these studies have been 

interpreted in terms of structural factors. The addition of a third mole

cule of 8-quinolinol-5-sulfonic acid, 2-methyl-8-quinolinol-5-sulfonic 

acid, and 7-nitro-8-quinolinol-5-sulfonic to nickel (EL) was indicated. 

Distribution constants of 8-quinolinol, 2-methyl-8-quinolinol, 

4-methy 1-8-quinolinol, and their copper chelates were determined for 

the chloroform-water and carbon tetrachloride-water systems. Differ

ences among these constants were assigned to variations in molecular 

weight and structure. 

The solubilities of 8-quinolinol chelates of copper (II) and zinc (H) 

were measured as a function of the 8-quinolinolate anion concentration. 

80 
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By the application of Sillen's two parameter method to these results, 

solubility products and formation constants were obtained. The addition 

of a third molecule of 8-quinolinol to zinc (n) was indicated. Differences 

among intrinsic solubilities obtained for several 8-quinolinol chelates 

were discussed in terms of differences in crystal energy and solvation 

energy. 
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Table I. Summary of Acid Dissociation Constants (Temperature « 25°, 
fj. m 0.005). 

» I 9 
Compounds , pk^ , pk^ , pkg 

8-Quinolinol-5-sulfonic acid < 2.00 4.09 8.66 

2-Methyl-8-quinolinol-5-sulfonic acid < 2.00 4.73 8.99 

2 -Methyl - 7 -bromo -8 -quinolinol- 5 -sulfonic 
acid < 2.00 3.22 7.96 

2 - Methyl - 7 - nitro - 8 -qu inolinol - 5 - su If onic 
acid < 2.00 < 2.00 6.24 

7-Nitro-8-quinolinol-5-sulfonic acid < 2.00 < 2.00 5.62 
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Table n. Summary of Chelate Formation Constants (Temperature - 25* 
pi m 0.005). 

Reagents ,log Kj , log Kg , log K3 

8-Quinolinol-5-sulfonic acid 

Ni (H) 9.57 8.58 7.42 
Co (H) 8.54 7.22 5.39 

2 - Methyl - 8 -quinolinol - 5 -sulfonic ac id 

Cu (H) 9.86 8.70 
Ni (H) 7.69 6.45 4.48 
Co (II) 7.54 6.52 <3.5 
Zn(H) 7.72 6.96 <3.5 

2-Methyl-7-bromo-8-quinolinol-5-
suLfonic acid 

Cu (II) 8.53 
Ni (H) 6.80 5.50 
Co (H) 6.56 5.48 
Zn (H) 6.61 5.68 

2-Methyl-7-nitro-8-quinolinol-5-
sulfonic acid 

Cu (n) ^6.4 
Ni (n) 5.92 4.85 
Co (n) 5.50 4.34 
Zn (H) 5.31 4.32 

7 -Nitro-8 -quinolinol - 5 - sulfonic acid 

Cu (n) >6.4 
Ni (n) ^6.2 4.74 
Co(n) 5.41 <3.8 
Zn(H) 5.90 4.90 <3.8 



Table m. Distribution Constant ol 8-Quinolinol (Temperature * 25s, 
M - 0.1). 

Chloroform — H2O , Carbon Tetrachloride — HgO 

pH D pH D 

6.16 372^ 

6.48 426 6.50 114 

6.88 426 6.88 115 

7.28 432 7.26 114 

7.66 440 " 7.66 115 

8.02 441 8.03 120 

D = KD « 433 ± 7 D = Kd * 116 + 3 

log Kd - 2.64 ± 0.01 log Kd * 2.06 + 0.02 

* 
Initial reagent concentration «= 0.0330 M 

** Initial reagent concentration = 0.00229 M 

^ Not included in the mean. 
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Table IV. Distribution Constant of 2-Methyl-8-Quinolinol (Temperature 
* 25", fJ. m 0.1). 

a ' •• Chloroform ~ H^O , Carbon Tetrachloride -- E^O 

pH D pH D 

6.48 364 * 

6.88 1571 ̂  6.88 412 ^ 

7.28 1720 7.28 426 

7.66 1633 7.66 444 

8.02 1615 8.02 436 

8.38 1712 8.39 435 

D  =  K d  *  1 6 7 0  ± 5 4  D  =  K D  =  4 3 5  ±  7  

log Kd « 3.22 ± 0.01 log Kd - 2.64 + 0.01 

* 
Initial reagent concentration * 0.0958 M 

** 
Initial reagent concentration * 0.0243 M 

•A 
r Not included in the mean. 
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Table V. Distribution Constant of 4 - Methyl - 8 -Quinol inol (Temperature 
* 25°, /J * 0.1). 

* ' ' T ' 1 1 1 ** 
Chloroform -- HgO , Carbon Tetrachloride — H^O 

pH D pH D 

6.88 488 * 

7.28 1886 7.28 530 

7.66 1916 7.66 551 

8.03 1806 8.03 550 

8.38 1901 8.38 526 

8.88 461 * 

D - KD « 1877 + 49 D « Kq « 539 ± 13 

log Kd * 3.27 + 0.01 log Kd - 2.73 + 0.01 

* 
Initial reagent concentration = 0.108 M 

Initial reagent concentration = 0.0319 M 

Not included in the mean. 
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Table VI. Distribution Constant of Bis-8-Quinolinolo-Copper (n) Between 
Chloroform and Water ( fj. « 0.1). 

25° C. Buffer ] 2° C. 

pH log d ph log d 

3.73 3.30 ^ (N aC104) 3.73 3.33 

3.81 3.32 * (NaC104) 3.81 3.30 

5.60 3.43 HC2H3°2/C2H302" 

5.83 3.51 HC2H3°2/C2H3°2" 5.83 3.55 

6.91 3.50 h2po4"/hpo4
= 

7.93 u, 5 j h2po4"/hpo4" 7.93 3.58 

9.04 3.41 nh4
+/ nh3 

9.68 9 -A ^ U « *J*T hco,7co.~ 3 0 

log Kd «= 3.48 + 0.06 

"̂ Not included in the mean. 

Note: Each log D value represents an average for two successive 
samples of the aqueous phase. 
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Table VII. Distribution Constant of Bis-8-Quinolinolo-Copper (n) Between 
Carbon Tetrachloride and Water ( n - 0.1). 

25° C. I Buffer ; 2° C. 
i i 

pH log D pH log D 

6.96 1.88 H2P04~/ HP04
= 

7.03 2.09 H2P04"/ HP04" 

8.01 2.09 H2P04-// HP°4*E 

9.23 2.11 NH4
+/NH3 

9.73 2.06 * HC03~ / C03
= 

10.72 1.95 * *  H P O * / P O *  1 0 ' 7 2  1 , 9 3  

log Kd « 2.05 ± 0.10 

^ Not included in the mean. 

Note: Each log D value represents an average for two successive 
samples of the aqueous phase. 
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Table VUL Distribution Constant of Bis-2-Methyl-8-Quinolinolo-Copper 
(n) Between Chloroform and Water ( n « 0.1). 

. 25° C. ! Buffer ! 2° C. 

PH log D pH log D 

5.40 4.43 h c2h302/c2h302- 5.40 4.46 

7.59 4.49 h2po4" / hpo4
= 7.59 4.53 

9.04 4.40 nh4
+ / nh3 9.04 4.33 

10.24 4.39 hpo4
= / po4

s 10.24 4.22 

log Kd = 4.45 + 0.10 log Kd = 4.40 ± 0.16 

Note: Each log D value represents an average for two successive 
samples of the aqueous phase. 
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Table IX. Distribution Constant of Bis - 2 - Methy 1-8 -Quino linolo - Copper 
(n) Between Carbon Tetrachloride and Water ( pi • 0.1). 

25° C. ! Buffer ! 2° C. 

pH log D pH log D 

5.74 3.54 H C2H302 / C2H302" 5.74 3.26 

6.88 3.44 H C2H302 / C2H302* 6.88 3.15 

8.67 3.66 H2P°4~ / HP04* 8.67 3.35 

8.73 3.27 hco
3~ / co

3" 

9.76 3.41 HCOs" / C03
k 

log Kd - 3.50 ± 0.18 

Note: Each log D value represents an average for two successive 
samples of the aqueous phase. 
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Table X. Distribution Constant of Bis-4 - Methyl-8-Quino lino lo-Copper 
(n) Between Chloroform and Water (Temperature - 25°, 
H m 0.1). 

t t 

PH , Buffer , log d 

5.62 HC2
H3°2 / C2H302- 4.53 

7.68 h2po4" / hpo4- 4.53 

7.75 h2po4" / hpo4" 4.64 

8.92 hco3~ / co^ 4.52 

10.18 hpo4" / po4
= 4.45 

iog ICp * 4.56 + 0.11 

Note: Each log D value represents an average for two successive 
samples of the aqueous phase. 
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Table XI. Distribution Constant of Bis -4 - Methyl - 8 -Quinolinolo - Copper 
(II) Between Carbon Tetrachloride and Water (Temperature 
m 25°, H m 0.1). 

I 1 
pH t Buffer , log D 

6.00 hc2
h3°2 / C2H302" 3.28 

7.01 h2po4" / hpo4
k 3.27 

7.96 h2po4" / hpo4
= 3.31 

8.78 h2po4" / hpo4
= 3.33 

9.00 hco3~ / co3" 3.27 

9.73 HCOq" / CO * 
o u 

3.18 
i 

10.95 hpo4
= / po4

b 3.09 

log Kq = 3.29 + 0.03 

at 
Not included in the mean. 

Note: Each d value represents an average for two successive samples 
of the aqueous phase. 
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Table X3L Solubility of Bis-8-Quinolinolo-Zinc (n) (Temperature • 25°, 
I* * 0.1). 

pH f pOx , pS 

3.12 10.41 2.69 

3.16 10.24 2.98 

3.40 9.79 3.74 

3.59 9.56 4.16 

3.74 9.22 4.63 

3.90 8.91 5.25 

4.14 8.40 6.01 

3.94 8.08 * 6.56 

4.59 7.43 * 7.24 

5.62 ^ 6.40 * 7.45 

6.82 
* 

5.20 7.46 

7.12 ^ 
* 

4.90 7.21 

8.73 j 
9.39 f  

3.30* 6.41 8.73 j 
9.39 f  2.66 5.62 

9.94 
* 

2.14 5.35 

* 
Solution saturated with respect to 8-quiiiolinol. 

A 
^ Anion of a weak acid present. 
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Table xm. Solubility of Bis-8-Quinolinolo-Copper (n) (Temperature 
«• 25°, /I * 0.1). 

pH , pOx , pS 

1 67 13.03 3.05 

1.80 12.89 3.36 

2.02 12.52 4.08 

2.08 12.43 4.24 

2.19 12.22 4.59 

2.21 12.13 4.72 

2.38 11.80 5.12 

2.52 11.72 5.24 

2.57 11.45 5.53 

2.90 10.80 6.01 

5.50 * 6.52 6.16 

6.21 ^ 5.81 * 6.64 

6.51 5.51 * 6.41 

8.58 ^ 3.44 * 6.30 

10.08 1.94 * 6.55 

+ 
Solution saturated with 8-quinolinoi. 

Anion of a weak acid present. 
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Table XIV. Solubility of Bis - 8-quinolinolo-Cobalt (n) in 8-Quinolinol 
Saturated Solutions (Temperature - 25°, yt -0.1). 

PH ! pS 

3.98 4.86 

4.52 4.92 

4.73 4.95 

5.24 4.73 

5.59 5.40 

5.69 . 5.42 

5.73 5.26 

6.01 5.22 

6.64 5.34 

6.99 5.23 

7.36 5.23 
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Table XV. Solubility of Copper (n) Chelates of Various 8-Quinolinol 
Derivatives (Temperature * 25°, jjl * 0.1). 

Reagent ; pH ; pS 
, , t I 

2-Methyl-8-quinolinol 5.60 6.88 

8.84 * 6.98 

* 
5-Benzyl-8-quinolinol 5.46 8.45 

8.90 * 8.25 

* 
Solution was saturated with reagent ana a buffer was present. 

Table XVI. Solubility of Bis-2-Methyl-8-Quinoiinolo-Zinc (II) 
(Temperature *= 25°, p.  =  C. l ) .  

pH ! PS 

5.74 7.33 

Note: Solution was saturated with 2-methyl-8-quinolinol and an acetic 
acid-acetate buffer was present. 


