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The acid dissociation constants of (ortho- and para-hydroxybenzaldehyde) hydrazonobenzothiazoles (L1 and L2) were 

evaluated spectrophotometrically in 40, 50, 60 and 70% methanol-water (v/v) and also in 40% ethanol-water and 40% 

DMF-water (v/v) mixtures. The results obtained are discussed in terms of solvent characteristics. The ionization 

constants of L1 and L2 depend largely on both the proportion and nature of the organic co-solvent. Hydrogen-bonding 

interactions of the conjugate base with solvent molecules as well as the solvent basicity contribute to the major effects 

on the ionization process. Solution equilibria of the binary systems (Cr(III), Mn(II), Ni(II), Cu(II) and Zn(II)) and L1 / or 

L2 were studied potentiometrically in 40% methanol-water (v/v) at 25 ± 0.1°C and ionic strength (I) = 0.10 mol⋅dm−3 

(KNO3). The formation of the different binary complexes is inferred from the corresponding titration curves. The stability 

constants of the various complexes formed were determined and discussed in terms of nature of metal ions and ligands. 

INTRODUCTION 

Much work has been carried out on the chelating properties, electronic spectra and acid–base equilibria of 

azomethines derived from aldehyde or ketone and aliphatic or aromatic amines.1–11 However, little attention 

has been paid to similar studies on azomethines containing heterocyclic aromatic rings.12–15 In continuation of 

our studies on some 2-arylhydrazonobenzothiazole derivatives,16–18 we report here a study on the acidity 

constants and solution equilibria of (ortho, and para-hydroxybenzaldehyde) hydrazonobenzothiazole 

compounds. 

RESULTS  AND  DISCUSSION 

Acidity Constant Study 

The visible absorption spectra of (ortho- and para-hydroxybenzaldehyde) hydrazonobenzothiazole 

compounds (L1 and L2) in buffer solutions containing different percentages (40, 50, 60 and 70% (v/v)) of 

methanol-water show mainly two bands. A representative curve is shown in Fig. 1. Generally, the shorter 

wavelength band appearing at low pH’s represents the absorption by the nonionized species, whereas the 

longer wavelength band, observed at higher pH’s represents the absorption by ionized species. 

On increasing the pH of the medium, the absorbance of the former band decreases while that of the 

latter band increases denoting the existence of an equilibrium of the type: 

 HA    H+  +  A– (1) 

–––––––––––––– 
* Corresponding author. 
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The sigmoidal absorption-pH* curves (Fig. 2) are typical dissociation ones confirming the establishment 

of an acid-base equilibrium in each case. 

 

Fig. 1 – Absorption spectra of L1 (o-OH) 4 × 10–5 mol dm–3

in universal buffer solutions containing 70% (v/v) methanol.

(pH*; 1 = 2.83, 2 = 3.27, 3 = 3.78, 4 = 4.52, 5 = 4.83, 

6 = 5.55, 7 = 6.27, 8 = 6.88, 9 = 7.96, 10 = 8.86, 11 = 9.06,

12 = 9.50, 13 = 9.79, 14 = 10.46, 15 = 10.90, 16 = 11.46,  

                  17 = 11.65, 18 = 11.70, 19 = 11.78). 

The acid dissociation constants (pKa) of the compounds L1 and L2 are determined from the variation 

of the absorbance with pH* making use of two different spectrophotometric methods,19,20 namely, the 

half-curve height and limiting absorbance. The obtained results are given in Table 1. 

Table 1 

Values of the acidity constant (pKa) and λmax of the neutral and ionic form  

of L1 (o-OH) and L2 (p-OH) 

 L1 (o-OH) L2 (p-OH) 

Methanol% pKa* λmax, (nm) pKa* λmax, (nm) 

  Neutral Ionic  Neutral Ionic 

40 9.47 350 385 9.10 336 357 

50 9.85 351 389 9.40 336 357 

60 9.97 351 390 9.56 336 357 

70 10.10   351 390 9.67 337 357 

* Mean of two methods. 

The data show that the pKa values of L1 and L2 are dependent upon both the nature and proportion of 

the organic co-solvent. In general, it is obvious that, increasing the organic co-solvent content in the medium 

results in an increase in the pKa value. This can be explained as follows. According to Coetzee and Richie,21 
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the acidity constant in a pure aqueous medium (Ka1) can be related to that in water-organic solvent mixtures 

(Ka2) by equation 2: 

 +1 2 HAH A( / )a aK K −= ν ν ν  (2) 

 

Fig. 2 – Absorption – pH* plots of the ligands (A: L1 (o-OH), B: L2 (p-OH) 4 × 10–5 mol dm–3 in 40%, 50%, 60%,  

and 70% ethanol-water (v/v)). 

where ν is the activity coefficient of the subscripted species in a partially aqueous medium relative to that in 

a pure aqueous one. Since it is known that the electrostatic effects of solvents operate only on the activity 

coefficients of charged species,21 one can expect that the increase in the amount of the organic co-solvent in 

the medium will increase the activity coefficients of both H+ and A– ions. According to equation 2, this will 

result in a decrease in the acid dissociation constant Ka1 (high pKa value), which is consistent with the 

results reported in Table 1. 

In general, effects such as hydrogen bonding, solvent basicity, dispersion forces and proton-solvent 

interactions play vital roles in the ionization process of acids in the presence of organic solvents.21 Thus, the 

observed increase in the pKa values of the compounds L1 and L2 as the proportion of the organic co-solvent 

in the medium is increased can be ascribed, in addition to the electrostatic effect, to the hydrogen-bonding 

interaction between the conjugate base (A−) and solvent molecules. Since water molecules have a higher 

tendency to donate hydrogen bonds than other solvent molecules,22 the conjugate base (A−) is expected to be 

less stabilized by hydrogen bonding interaction with solvent molecules as the amount of the organic  

co-solvent in the medium is increased. This will tend to increase the pKa value of the compound as 

equation 2 implies. 
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On the other hand, the pKa values of L1 and L2 were determined in 40% (v/v) ethanol-water and 40% 

DMF-water (see Fig. 3), respectively, and the results (Table 2) are compared with those obtained from 40% 

methanol-water (v/v). 

With respect to L2, the data indicate that the values of pKa increase on going from methanol to DMF. 

Methanol and DMF have approximately similar dielectric constants (32.6 and 36.7, respectively, at 25°C), 

so  

 

Fig. 3 – Absorption spectra of L1 (o-OH) 4 × 10–5 mol dm–3 in universal buffer solutions containing 

70% (v/v) DMF. (pH*; 1 = 2.65, 2 = 3.02, 3 = 3.58, 4 = 4.48, 5 = 4.86, 6 = 5.17, 7 = 5.45, 8 = 5.90, 

9 = 6.44, 10 = 6.50, 11 = 7.23, 12 = 7.64, 13 = 8.19, 14 = 8.84, 15 = 10.09, 16 = 10.53, 17 = 10.80,  

 18 = 10.83, 19 = 10.95, 20 = 11.08, 21 = 11.12). 

Table 2 

pKa values of L1 (o-OH) and L2 (p-OH) in 40% methanol, ethanol and DMF 

Compound 40% Methanol 40% Ethanol 40% DMF 

 pKa* λmax, (nm) pKa* λmax, (nm) pKa* λmax, (nm) 

L1 (o-OH) 9.47 385 9.30 386 9.15 395 

L2 (p-OH) 9.10 357 9.23 384 9.38 383 

 * Mean of two methods. 

the electrostatic effects in aqueous solutions containing the same mole fraction of these two solvents are 

expected to be virtually identical (i.e., pKa values should be the same) which is not found. This behaviour 

indicates that other solvent effects beside the electrostatic one have a contribution in the ionization process 



 Acidity constants and potentiometric studies 867 

of the studied compound. Moreover, the obtained pKa values of L2 in 40% DMF-water and in 40% ethanol-

water are in agreement within the dielectric constants of DMF and ethanol (36.7 and 24.3, respectively). 

The data in Table 2 reveal that the pKa value of L1 in the presence of the poorer hydrogen bond donor 

DMF is less than those obtained in the presence of ethanol or methanol. This behaviour can be ascribed to 

the high basic character of DMF which reflects itself in the construction of a strong hydrogen bond acceptor 

from the O-H group of the nonionized molecule and consequently promotes the ionization process (i.e., 

low pKa). 

Potentiometric study 

Computation methods of Irving and Rossotti23 as adapted by Banerjee and Dey24 were employed for 

the evaluation of proton-reagent and metal-reagent stability constants. Average number of protons 

associated with a reagent molecule, A ,n  was determined at different pH values employing equation 3: 

 0
0 0

A 1 2 0 1 CL( )( ) /( )n Y V V N E V V T= + − + +   (3) 

where V1 and V2 denote the volumes of alkali required to reach the same pH in the titration curves of A and 

B, V0 the initial volume (50 ml) of the mixture, 0CLT  the total concentration of the reagent, Y the total 

number of dissociable protons attached with the reagent, N0 normality of NaOH solution and E0 the initial 

concentration of the free acid. Values of An  were plotted against pH and the values of proton reagent 

stability constants calculated by interpolation at half An  values. The results are given in Table 3. 

Table 3 

Formation constant values of Mn+–L (1:1) binary complexes at 25°C and ionic strength 0.1 mol dm–3 KNO3  

in 40% (v/v) methanol-water 

Ligand pKa log M
M LK −  

  Cr(III) Mn(II) Ni(II) Cu(II) Zn(II) 

L1 (o-OH) 9.43 ± 0.03 8.25 ± 0.01 9.77 ± 0.01 5.75 ± 0.04 5.90 ± 0.01 9.94 ± 0. 02 

L2 (p-OH) 9.10 ± 0.02 9.20 ± 0.03 7.0 ± 0.02 6.63 ± 0.03 8.97 ± 0.04 6.63 ± 0.05 

The average number of reagent molecules attached per metal ion, ,n  and the free ligand exponent, pL, 

were calculated by equations 4 and 5, respectively. 

 0
0 0

3 2 0 1 A CM( )( ) /( )n V V N E V V n T= − + +  (4) 

and, 

 0 0

1,2

0 3 0CL CM

0

log (1/10 )( ) /( )

y
H B
y A

y

pL B V V T n T V

=

=

 
 = + −
  
∑   (5) 

where V1, V2 and V3 are the volumes of NaOH required to reach the same pH in the curves A, B and C 

(Fig. 4), respectively. 0CMT  is the concentration of the metal ion used. H
yB  is the formation constant values 

of L1 and/or L2, B is the pH-meter reading and the other terms have the same meaning as defined above. 

The values of n  were plotted against pL values (Fig. 5) and stepwise stability constants of the chelates were 

evaluated by the method of interpolation at half n  values. Results are given in Table 3. 

Fig. 4 displays a representative set of the experimental titration curves obtained according to the 

sequence described in the experimental section for the different metal ions (Cr(III), Mn(II), Ni(II), Cu(II) 

and Zn(II)) and Schiff base L1 in 1:1 molar ratio (2 × 10–4 mol dm–3 for each) in 40% methanol-water (v/v) 
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and ionic strength 0.1 mol dm–3 KNO3 at 25°C. A similar titration curves obtained for M-L2 under the same 

conditions. 

Examination of the different titration curves obtained for M-L1 and M-L2 solutions reveals that these 

complexes begin to form at pH values ~ 4, ~ 6.5, ~ 7.0, ~ 3.5 and ~ 6.8 for M-L1 and at ~ 5.8, ~ 8.5, ~ 7.5, 

~ 5.0 and ~ 7.2 for M-L2, where M = Cr(III), Mn(II), Ni(II), Cu(II) and Zn(II), respectively. This is attained 

from the appeared divergence of each M-L titration curve from that of the corresponding free L1 and/or L2 

solution. In this respect, it is worth indicating that all the complex solutions of M-L1 (except Cr(III)) show a 

precipitate over pH ~ 10. This can likely be ascribed to the behaviour that these complexes undergo 

hydrolysis where hydroxo complex species are probably formed.25 No precipitate is observed for M-L2 

complexes. 

 

Fig. 4 – Titration curves of (a) HNO3, (b) L1, (c) L1 + Cr(III), (d) L + Mn(II), (e) L1 + Ni(II), (f) L1 + Cu(II),  

and (g) L1 + Zn(II). 
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Fig. 5 – Formation curves of the complexes of ligands (A: L1 (o-OH) and B: L2 (p-OH)) with (a) Cr(III), (b) Mn(II),  

(c) Ni(II), (d) Cu (II), and (e) Zn(II). 

The reported pKa values of L1 and L2 (Table 3) obtained by the potentiometric method are in 

agreement with those obtained by the spectrophotometric method (this work, cf. Table 1). The observed high 

pKa value of L1 (9.43) relative to L2 (9.10) may be due to the involvement of o-OH group of L1 in strong 

hydrogen bonding within the azomethine nitrogen –N=CH– group. The ionization of the O-H group requires 

the rupture of this bond. 

On the other hand, the data in Table 3 show that the M
M Llog K −  in terms of the nature of the metal ion 

follows the order: Cr(III) > Cu(II) ≥ Ni(II) and Zn(II) ≥ Mn(II) with respect to L1. But for L2 complexes, the 

order is Cr(III) > Cu(II) > Mn(II) > Ni(II) ~ Zn(II). This is in agreement with the general order of stability of 

the complexes of these metal ions (especially Cr(III), Cu(II) and Ni(II)) which is established before by 

Grinberg and Yatsimirsk26 and by Irving and Williams.27 The observed high formation constant values for 

Zn(II)-L1 and Mn(II)-L1 (9.94 and 9.77, respectively) are not consistent with their titration curve orders (D 

and E, respectively, Fig. 4). Therefore, it is concluded that these values perhaps refer to the formation 

constants of hydroxo complexes ML1(OH) and not M-L1 (M = Zn(II) and/or Mn(II)). The divergence of 

these complexes from L1 at pH ~ 7 and the appearance of a precipitate over pH ~ 10 may reinforce the 

arguement that these complexes are actually in a hydroxo form. 

With respect to Cr(III), Cu(II) and Ni(II) metal ions, it is obvious that the stability of M-L1 is slightly 

lower than M-L2 (Table 3). This may be due to the observed differences in pKa values of L1 and L2. 

Moreover, the involvement of o-OH in hydrogen bonding and not p-OH (L2) results in a decrease in the 

electron releasing character of the o-OH group which results in a decrease in the basicity of the azomethine 

nitrogen of L1 and consequently the tendency toward complex formation is expected to decrease. In 

contrast, for Mn(II) and Zn(II), the stability of M-L1 is higher than M-L2 which may be due to the formation 

of hydroxo complexes with M-L1. This is attained from the observed gradual increase in the values of 

formation constants with increasing pH. 

The observed high stability of Cr(III)-L1 and/or L2 relative to other complexes is due to some extent to 

the negative charge of the ligands, their basicities and the resultant coulombic attraction28 between the metal 

ion, Cr(III), and the ligands. Moreover, Cr(III) has the smallest ionic size (0.63 A°)29 relative to other metal 

ions, leading to increasing polarisability. 
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EXPERIMENTAL 

The compounds (ortho- and para-hydroxybenzaldehyde)hydrazonobenzothiazole (L1 and L2) were prepared as described 

before.16–18 The crude compounds were then crystallized from (1:1) aqueous ethanol or acetic acid and dried in vacuo over silica gel. 

The prepared compounds have the following structures: 

S

N

N
H

N CH

X
 

X = o-OH (L1) 

    = p-OH (L2) 

All solvents used (methanol, ethanol and DMF) were of spectral grade (BDH or Merck) products. Stock solution  

(5.0 ×€10–3 mol dm–3) of the compounds in each solvent was prepared by dissolving the accurately weighed amount of the 

compound in appropriate volume of solvent. More dilute solutions were obtained by accurate dilution with the proper solvent. The 

electronic spectra of freshly prepared solutions were recorded on a Perkin-Elmer Lambda 40 spectrophotometer using 1.0 cm 

matched silica cells. All measurements were carried out at room temperature (∼ 25°C). 

The pH control was achieved by using the modified universal buffer solution.30 The pH meter used was a Jenway model 3310 

accurate to ±0.01 pH unit. The electrode system was calibrated before and after each series of pH measurements under the same 

conditions using standard buffers pH’s 4.0 and 7.0. The measured pH values were corrected making use of the procedure described 

by Douheret.31 If the pH-meter is standardized using aqueous buffers, the meter reading (pHR) obtained in a partially aqueous 

medium differs by an amount, δ, from the correct reading pH*, which refers to the standard state in the partially aqueous medium, by 

pH* = pHR – δ. 

Potentiometric titration: the following mixtures were prepared in 40% (v/v) methanol-water (total volume 50 mL) and titrated 

individually against a standard CO2-free NaOH solution (0.102 mol dm–3). 

  (i) HNO3 (0.01295 mol dm–3) + KNO3 (0.10 mol dm–3) 

 (ii) Solution (a) in the presence of (2.0 × 10–4 mol dm–3) of L1 or L2. 

(iii) Solution (b) in the presence of (2.0 × 10–4 mol dm–3) of the metal ion used (Cr(III), Mn(II), Ni(II), Cu(II) and Zn(II)). 

REFERENCES 

 1. F. C. Jian, L. Feng and L. Q. Hui, Synth. React. Inorg. Met. Org. Chem., 1998, 28, 1105. 

 2. M. H. Abou-El-Wafa, A. A. Mohamed, U. M. Rabie and M. R. Mahmoud, Bull. Fac. Sci. Assiut Univ., 1990, 19, 115. 

 3. M. H. Abou-El-Wafa, Pak. J. Sci. Ind. Res., 1990, 33, 469; ibid, 1991, 34, 474; Rev. Rom. Chim., 1993, 38, 837. 

 4. M. R. Mahmoud, A. M. El-Nady, M. H. Abou-El-Wafa and U. M. Rabie., J. Chin. Chem. Soc., 1990, 37, 381. 

 5. J. Moskal and A. Moskal, J. Chem. Soc., Perkin Trans., 1977, 2, 1893. 

 6. M. R. Mahmoud, A. M. Awad and A. M. Shaker, Spectrochim. Acta, 1985, 41A, 1177. 

 7. H. P. Srivastava and D. Tiwari, Ind. Chem. Soc., 1993, 70, 499. 

 8. M. R. Patel, N. Patel, M. Patel and J. D. Joshi, J. Ind. Chem. Soc., 1993, 70, 569. 

 9. M. R. Mahmoud, A. A. El-Samahy and A. El-Gyar, Bull. Soc. Chim. Fr., 1981, 11–12, 424. 

10. M. H. Abou-El-Wafa, Bull. Fac. Sci. Assiut Univ., 1990, 20, 137; Pak. J. Sci. Ind. Res., 1996, 39, 28. 

11. M. H. Abou-El-Wafa and U. M. Rabie, Rev. Rom. Chim., 2001, 46, 723. 

12. K. Itano, Yakugaku Zasshi, 1958, 78, 172. 

13. G. P. Stepanova and B. I. Steanova, Tr. Mosk. Khim. Tekhnol. Inst., 1970, 66, 97. 

14. M. Belletete, B. Scheuer Lamalle, L. Baril and G. Durocher, Can. J. Spectrosc., 1977, 22, 3L. 

15. M. R. Mahmoud, R. Abdel-Hamide and F. Abdel-Goad, Z. Phys. Chem., Lipzig, 1981, 262S, 55L. 

16. A. M. Hammam, S. A. Ibrahim, M. Abou-El-Wafa, M. A. El-Gahami and W. Thabet, Synth. React. Inorg. Met. Org. Chem., 

1992, 22, 1401. 

17. M. H. Abou-El-Wafa, S. A. Ibrahim and M. El-Gahami, Spectrochim. Acta, 1991, 47A, 1790. 

18. M. H. Abou-El-Wafa, Bull. Fac. Sci. Assiut Univ., 1992, 21, 199. 

19. R. M. Issa, H. Sadek and I. I. Izzat, Z. Phys. Chem., (N. F.), 1971, 74, 17. 

20. R. M. Issa, A. M. Hammam and S. H. Etaiw, Z. Phys. Chem., 1972, 251, 177. 

21. J. F. Coetzee and C. D. Ritchie, Solute-Solvent Interactions. Marcel Dekker, New York, 1969, pp. 221, 222. 

22. F. Franks and D. Ives, J. D. Q. Rev., 1966, 20, 1. 

23. H. Irving and H. S. Rossotti, J. Chem. Soc., 1953, 3397. 



 Acidity constants and potentiometric studies 871 

24. A. Banerjee and A. K. Dey, J. Inorg. Nucl. Chem., 1968, 30, 995. 

25. M. M. T. Khan and A. E. Martell, J. Phys. Chem., 1962, 66, 10. 

26. A. A. Grinberg and K. B. Yatsimirski, Bull. Acad. Sci. USSR, Div. Chem. Sci., 1952, 239. 

27. H. Irving and R. J. P. Williams, J. Chem. Soc., 1953, 3192. 

28. G. A. L’Heureux and A. E. Martell, J. Inorg. Nucl. Chem., 1966, 28, 481. 

29. R. C. Weast and M. J. Astle, Handbook of Chemistry and Physics, Boca Raton, Florida, 62nd ed., 1981–1982. 

30. H. T. S. Britton, Hydrogen Ions, Chapman and Hall, London, 4th ed., 1952, p. 364. 

31. G. Douheret, Bull. Soc. Chim. Fr., 1967, 1413. 

 

 

 


