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Abstract 
The formation of ternary complexes of Th(IV), UO2(II), Ce(III), and La(III) cations with the 

monohydroxamic acids: acetohydroxamic acid (Aha), benzohydroxamic acid (Bha) and 

salicylhydroxamic acid (Sham) and diamines: ethylenediamine (en), 1,3-diaminopropane (dap), 

o-phenylenediamine (o-pda), m-phenylenediamine (m-pda) and p-phenylenediamine (p-pda)

was studied using pH-metric titrations at 25 °C and I = 0.10 (NaNO3) in aqueous medium. The 

stability constants of normal ternary complexes for all the systems studied were evaluated. In 

the case of dap, protonated binary and ternary complexes could be detected and the 

corresponding stability constants were determined at the same experimental conditions. Except 

in the case of aliphatic diamines, there is a good correlation between the basicity of the ligands 

investigated, and stability of 1:1 binary complexes. Potentiometric measurements show that 

ternary complexes are formed in a stepwise manner. The order of stability of the ternary 

complexes in terms of the nature of hydroxamic acid, diamine, and metal ion was investigated 

and discussed. The relative stability of the mixed-ligand complex was compared with that of the 

binary complex. In addition, evaluation of the effect of temperature on both the ionization 

process of the ligands and complex formations for metal-Aha-en and metal-Sham-en ternary 

systems was studied. The thermodynamic parameters were calculated and discussed. 

Keywords: Ternary complexes; Hydroxamic acids; Diamines; Potentiometric 

measurements; Stability constants; Thermodynamic parameters. 

Introduction
Hydroxamic acids are among the most well studied compounds due to their 

significance in so many fields [1]. The stability constants  of the mixed-ligand 

complexes formed by Cu(II), Ni(II), Zn(II), ethylenediamine, 2,2'-bipyridine, glycinate, 

disodium salt of 4,5- dihydroxybenzene 1,3-disulfonate, diethylenetriamine or 2,2':6,2"-

terpyridine and acetohydroxamate, N-methylacetohydroxamate or N-

phenylacetohydroxamate were determined potentiometricaly in aqueous medium [2].

Potentiometric studies of Cu(II) mixed-ligands complexes involving hydroxamic acids 

as primary ligands and histamine, glycine or histidine as secondary ligands have been 

performed by Fernandes et al [3]. Stablity constants of Fe(III), Cu(II), Ni(II) and Zn(II) 

complexes of salicylhydroxamic acid, anthranilichydroxamic acid and benzo- 

hydroxamic acid have been determined in aqueous solution [4]. In our laboratory, we 
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studied the complexation equilibria for binary and ternary complexes involving some 

selected ribonucleotides (AMP, ADP, and ATP) and salicylhydroxamic acid 

potentiomerically [5]. Formation of ternary complexes of di- and trivalent metal ions with 

Aha, Bha, and Sham as primary ligands and amino acids or nucleic acid components 

as secondary ligands has also been investigated by us using potentiometric technique
[6]. Recently, equilibrium studies of binary complexes involving some selected 

lanthanide and actinide metal ions with the above mentioned hydroxamic acids have 

also been studied using the same technique at different temperatures and ionic 

strength [7].

Despite the existence of a very large amount of literature data on the solution 

chemistry of the actinide and lanthanide ions, interactions of these ions in aqueous 

media with molecules of biological interest, such as hydroxamic acids and diamines 

are scarce. This paper focuses on the complexation behavior of some lanthanide 
and actinide metal ions with some selected aliphatic and aromatic hydroxamic acids 

and diamines. 

Experimental
Materials and Solutions

Acetohydroxamic acid (Aha) and benzohydroxamic acid (Bha) were Sigma 

products. Salicylhydroxamic acid (Sham) was purchased in a pure form from Nasr 

Pharmaceutical Chemicals Co., Egypt. The purity of hydroxamic acids and the 

concentrations of the stock solutions were determined using Gran's method [8].

Ethylenediamine (en), 1,3-diaminopropane (dap), o-phenylenediamine (o-pda), m-

phenylenediamine (m-pda) and p-phenylenediamine (p-pda) were purchased from 

Aldrich Chemical Co. and were used without further purification. The metal salts were 

provided by BDH as nitrate. Stock solutions of the metal salts were prepared in 

bidistilled water, and the metal concentration was standardized with EDTA [9].

Carbonate-free sodium hydroxide (titrant, prepared in 0.10 mol dm-3 NaNO3 solution) 

was standardized potentiometrically with KH phthalate (Merck AG). A nitric acid 

solution (  0.04 mol dm-3) was prepared and used after standardization. Sodium 

hydroxide, nitric acid, and sodium nitrate were from Merck p.a. 

Apparatus and Procedure

Potentiometric pH-measurements were performed using a Metrohm 702 

titroprocessor equipped with a 665 dosimat (Switzerland). The precision of the 

instrument was (± 0.001) pH unit. The pH titrations were carried out in an 80 cm3

commercial double-walled glass vessel. The ionic strength of the solutions is 

maintained at a constant level by using the desired concentration of NaNO3 solution as 

supporting electrolyte, and temperature was adjusted inside the cell at the desired 

temperature, by circulating thermostated water using an oil-thermostated set up. A 

computer program (GLEE, glass electrode evaluation) [10] has been used for the 

calibration of a glass electrode, in terms of pH = -log [H+], by titrating HNO3 (at the 
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same temperature and ionic strength) against NaOH standard solution. The resulting 

titration data were used to calculate the standard electrode potential E˚ and Kw for

water before each experiment. The investigated solutions were prepared (total volume 

50 cm3) and titrated potentiometrically against standard CO2-free NaOH (0.10 mol  

dm-3) solution. A stream of nitrogen was passed throughout the course of the 

experiment in order to exclude the adverse effect of atmospheric carbon dioxide.

The ligand concentrations were varied in the range 1x10-3- 6x10-3 mol dm-3 and 

the ratios 1:1:1 and 1:2:2 (metal: primary ligand : secondary ligand) for the ternary 

systems were used. Diamines were prepared in diprotonated form. The initial 

estimates of the ionization constants of the ligands and the stability constants of binary 

and ternary complexes as well were calculated using Irving and Rossotti technique[6].

The equilibrium constants were refined with a computer program based on unweighted 

linear least-squares fit. The stoichiometries and stability constants of the complex 

species formed in solution were determined by examining various possible 

composition models for the systems studied. Potentiometric titration curves show that 

the interaction of the aromatic diamines (m-pda, and p-pda), with the metal ions 

investigated, is very weak. Such ligands can only coordinate one nitrogen atom to 

metal ion by means of a weak linkage [11]. Hence, their binary and ternary complexes 

could not be detected in solution under the experimental conditions and the 

corresponding stability constants could not be evaluated. 

Each of the investigated solutions was thermostated at the required temperature 

with an accuracy of ± 0.10 °C and the solutions  were left to stand at this temperature 

for about 15 min before titration. Magnetic stirring was used during all titrations. About 

100 to 140 experimental data points were available for evaluation in each run. The 

titration was repeated at least five times for each titration curve.

Results and Discussion 
Dissociation constants of the free ligands 

The formulae of the investigated ligands are shown in Scheme 1. 

The proton dissociation constants of the hydroxamic acids and diamines studied 

have been redetermined at 25 °C and I = 0.10 mol dm-3 NaNO3 to obtain values using 

the same experimental procedures as used in the study of binary and ternary systems, 

and are in good agreement with data found in the literature [2,7,11-13].
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Scheme 1

Stability constants of binary complexes 

The Th(IV), UO2(II), Ce(III), and La(III) binary complexes of the hydroxamic 

acids were already studied in our recent work[7], but those of diamine ligands 

complexes were investigated in the present work. The stability constants are 

summarized in table 1. The species M+n-en is slightly more stable than the species M+n

-dap. This must be due to the fact that the five membered ring of M(en) is more stable 
[14,15]. The results indicate that o-pda does not form very stable complexes because of 

its weak basicity and because of the large steric requirements of the ligand  [16-17]. The 

dap forms both protonated and deprotonated binary complexes, whereas en forms 

only deprotonated ones. The pK1 of the protonated form ( M
MA

M
MHA kk loglog )

amounts to 1.76 for Th(IV), 4.19 for UO2(II), 6.70 for Ce(III), and 6.53 for La(III)–dap 

binary systems. The lowering of pK1 can be attributed to coordination of dap with the 
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metal ion. It can also be observed that the stability constants of the different 1:3 metal-

diamine complexes are lower than those of the corresponding 1:2 complex species, 

and the stability constants of the latter complexes are lower than those of the 

corresponding 1:1 systems, as expected from statistical consideration. The 

)logloglog(loglog
22

2

3

M
MA

MA
MA

MA
MA

MA
MA kkorkkk  values are negative (Table 1). 

This is the normal trend of neutral ligands where the enthalpy is more favourable for a 

1:1 species (exothermic) as compared to a 1:2 or 1:3 species [18].

Table 1. Stability constants of  1:1, 1:2 and 1:3 binary complexes of diamines at 25 ˚C
and I = 0.10 mol dm-3 NaNO3         

cation Th(IV) UO2(II) Ce(III) La(III( 

log
M
MAK 13.70± 0.01 10.80 ± 0.03 9.77 ± 0.02 9.55 ± 0.01

log
2

MA
MAK 12.95± 0.02 6.95 ± 0.01 6.40 ± 0.01 6.01 ± 0.02 

en

log 2

3

MA
MAK 12.35 ± 0.03 4.45 ± 0.02 - 4.07± 0.02 

log
M
MAK 13.55 ± 0.02 

log
MA
MAK

2
5.25± 0.01 

log 2

3

MA
MAK 4.44 ± 0.02 

- - -

log M
MHAK 15.31 ± 0.01 13.32 ± 0.01 12.92± 0.02 12.51 ± 0.02 

dap

log
MA
MHAK

2
14.82 ± 0.02 12.42  ± 0.03 11.62 ± 0.02 11.22± 0.01 

log
M
MAK 4.36± 0.01 3.82± 0.01 3.67± 0.01 3.51± 0.03 o-pda

log
2

MA
MAK 4.13 ± 0.01 3.73 ± 0.03 3.63 ± 0.02 3.45± 0.05 

Stability constants of binary complex species were determined successfully at 

pH<4.5 [19-26]. Hence, the stability constants of monohydroxo complexes could not be 

detected. All side reactions due to hydrolysis of lanthanides or actinides have not been 

included in our calculations. The mononuclear hydrolytic species, e.g. UO2OH+ is 

formed at low uranyl concentrations. The bi- and trinuclear hydrolytic species were 

found to be stabilized only in chloride media by the formation of a fairly stable ion pair 

(UO2)3(OH)4Cl+ [24,27]. These hydrolytic species are generally formed with high 

percentages at pH 5, even in the presence of O-O donor ligands.

Stability constants of ternary complexes 

A typical set of experimental titration curves for La (III)-en-Aha system are 

displayed in Figure 1. It is clear that the titration curve of the ternary complex solution 

coincides with that of the en binary complex solution at lower pH values, then it 

diverges at a certain pH, indicating the formation of a ternary complex. Therefore, it is 

assumed that, in the presence of both ligands, diamine (A) interacts first with the metal 

ion forming a binary complex which is then followed by interaction of the hydroxamic 

acid, i.e. the ternary complex formation could be considered in stepwise equilibria 

(Eqs. (1) and (2)).
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M+A MA ......................................................................................................(1)

MA+L MAL  ................................................................................................ (2) 

LMA
MALK MA

MAL    ......................................................................................... (3)  

The overall stability constant M
MAL  may be represented by Eq. (5) 

M+A+L MAL ............................................................................................. (4) 

M
MAL LAM

MAL M
MA

MA
MAL KK   ...................................................................... (5)  
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Figure 1 . Potentiometric pH titration curves for the La(III)-en-Aha system at 25˚C and I = 0.1   
mol dm-3 NaNO3: (a) 0.004 mol dm-3 HNO3 (b) solution a + 0.001 mol dm-3 en; (c) solution b + 
0.0003 mol dm-3 La(III); (d) solution a +0.001 mol dm-3 Aha; (e) solution d + 0.0003 mol dm-3

La(III); (f) solution a + 0.001 mol dm-3 en + 0.001 mol dm-3 Aha+ 0.0005 mol dm-3 La(III)

pH
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Based on the ternary complex stability constants values, the following 

conclusions could be drawn:
(a)  The complex stability of the ternary complexes with respect to the metal ion 

present follows the order: Th(IV) > UO2(II) > Ce(III) > La(III). This behavior can 

be attributed to the fact that the actinides have much higher densities and 

greater tendency to form complexes compared with the lanthanides[28]. Thus, in 

actinides the 5f orbitals extend into space beyond the 6s and 6p ones and 

participate in bonding. In contrast, for lanthanides, the 4f orbitals are buried 

deep inside the atom, totally shielded by outer orbitals and unable to take part in 

bonding. Stabilities of binary complexes involving UO2(II) ion are lower than 

those containing Th(IV), which can be attributed to the smaller charge of the 

linear dioxouranium. With respect to lanthanide binary complexes, one can 

deduce that the values of stability constants of Ce(III) systems are higher than 

those of La(III) complexes. This is due to the smaller ionic size of Ce(III) (1.020 

°A) than that of La(III) (1.032 °A) and also the lower basicity of Ce(III) [7].

(b)  The observed order of stability of ternary systems with respect to the ligand 

hydroxamic acid is Sham> Bha>Aha. The difference in stability is explained in 

our previously published paper [7].

(c)  Protonated 1:1:1 ternary complexes involving dap are found to be more stable 

than the corresponding deprotonated ones [14]. This behavior can be attributed to 

extra hydrogen bonding of the dap's proton with the oxygen atom of hydroxamic 

acid molecule.
The relative stability of the ternary and binary complexes can be quantitatively 

expressed in a number of different ways. It has been agreed that a comparison can 

best be made in terms of Klog values [29]. Tables (2-4) demonstrate the difference 

in stabilities of binary and ternary complexes in terms of Klog , as defined by 

Eq.(6)

Klog = M
ML

MA
MAL KK loglog ............................................................................. (6) 

where A = diamine and L = hydroxamic acid.  It is worth mentioning that the highly 

negative Klog  values in case of ternary system involving the aromatic diamine, 

o-pda, may be due to metal to nitrogen  bond formation. This behavior is similar to 

those observed previously [30-31].

Another parameter, the percent relative stabilization (% R.S.), to quantify 

stability of a ternary complex, may be defined as [18]

100log/)log(log..% M
ML

M
ML

MA
MAL KKKSR  ............................................... (7) 

The values obtained agree with the Klog  values as shown in Tables 2-4. 
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Table 2. Stability constants for the mixed-ligand complexes formed in metal ion-en-
hydroxamic acids systems at 25   0.1 °C and I = 0.10 mol dm-3 NaNO3.

cation Th(IV) UO2(II) Ce(III) La(III) 
Aha 5.91  0.02 5.80±0.04 5.60 0.06 5.32  0.03 
Bha 8.84   0.04 7.30  0.03 7.00  0.02 6.50  0.06 MA

MALKlog
Sham 12.50  0.01 9.20  0.02 8.40  0.03 7.74  0.04 
Aha 19.61 16.60 15.37 14.87 
Bha 22.54 18.10 16.77 16.05 M

MALlog
Sham 26.2 20.00 18.17 17.29 
Aha -4.59 -2.75 -2.25 -1.67 
Bha -0.13 -0.87 -0.52 -0.22 Klog
Sham -1.90 2.70  - -2.60 -3.16 
Aha -43.71 -32.16 -28.66 -23.89 
Bha -1.44 -10.64 -6.91 -3.27 %R.S.
Sham -13.19 22.68- -23.63 -28.99 

Table 3. Stability constants for the mixed-ligand complexes formed in metal ion-dap-
hydroxamic acids systems at 25   0.1 °C and I = 0.10 mol dm-3 NaNO3

cation Th(IV) UO2(II) Ce(III) La(III) 
Aha 4.18  0.01 4.02±0.03 3.71 0.05 3.28  0.03 
Bha 4.74  0.02 4.57  0.01 3.99  0.02 3.34  0.04 MA

MALKlog
Sham 7.10  0.02 6.76  0.03 5.55  0.02 5.32  0.03 
Aha 5.76  0.02 5.64±0.03 5.25 0.04 4.39  0.01 
Bha 6.11  0.03 5.81  0.04 5.48  0.01 5.02  0.03 MHA

MHALKlog
Sham 8.73  0.01 7.20  0.03 6.59  0.04 5.84  0.02 
Aha 17.73 13.15 9.93 9.26 
Bha 18.29 13.70 10.21 9.32 M

MALlog
Sham 20.65 15.89 11.77 11.30 
Aha 21.07 18.96 18.17 16.90 
Bha 21.42 19.13 18.40 17.53 M

MHALlog
Sham 24.04 20.52 19.51 18.32 
Aha -6.32 -4.47 -4.14 -3.71 
Bha -4.23 -3.6 -3.53 -3.38 

Klog

Sham -7.30 -5.14 -5.45 -5.58 
Aha -60.41 -52.65 -52.73 -53.07 
Bha -47.15 -44.06 -46.94 -50.29 %R.S.
Sham -50.69 -43.19 -49.54 -15.19 

Table 4. Stability constants for the mixed-ligand complexes formed in metal ion-o-pda-
hydroxamic acids systems at 25   0.1 °C and I = 0.10 mol dm-3 NaNO3 .

cation     Th(IV) UO2(II) Ce(III) La(III) 
Aha 3.68  0.01 3.57±0.03 3.53 0.05 3.16  0.02 
Bha 4.00  0.03 3.83  0.02 3.68  0.01 3.25  0.05 MA

MALKlog
Sham 4.55  0.02 4.37  0.01 4.34  0.03 4.00  0.04 
Aha 8.04 7.39 7.20 6.67 
Bha 8.36 7.65 7.35 6.76 M

MALlog
Sham 8.91 8.19 8.01 7.51 
Aha -6.82 -4.98 -4.32 -3.83 
Bha -4.97 -4.34 -3.84 -3.47 Klog
Sham -9.85 -7.53 -6.66 -6.90 
Aha -64.95 -58.24 -55.03 -54.79 
Bha -55.40 -53.12 -51.06 -51.63 %R.S.
Sham -68.40 -63.27 -60.54 -63.30 

The effect of temperature of the medium on the dissociation of  diamines 

investigated as well as the stability of their 1:1 binary complexes and 1:1:1 metal-en-

Aha and metal-en-Sham ternary systems was also studied at I = 0.10 mol dm-3

NaNO3. The values of the protonation, binary 1:1 and ternary 1:1:1 equilibrium 

constants are found to be linearly dependent on the inverse of temperature, indicating 
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negligible change in heat capacity for each of these protonation and complexation 

reactions [32]. Figure 2. shows the plot of )(
))((log enM

AhaenMk vs -1/T at I = 0.10 mol dm-3

NaNO3. The equilibrium constants have been evaluated at four different temperatures 

(25-55 °C), along with the thermodynamic quantities and the values obtained are cited 

in Tables (5-6). The values of enthalpy change ( H°  ) for the ionization of the en are 

found to be positive indicating the endothermic nature of the deprotonation process. 

The positive values of the standard free energy change ( G° ) for the dissociation 

processes of the en denote that such processes are not spontaneous. The negative 

values of entropy change ( S°) also point to increased ordering due to association. 

The values of the formation constants decrease with temperature because the 

formation reactions are exthothermic (Le Chatelier's principle). The values of enthalpy 

changes ( H°) for the binary and ternary systems investigated are negative. However, 

the complex formation process is spontaneous in nature, as characterized by the 

negative G° values. The values of S° substantiate the suggestion that the different 

binary and ternary complexes are formed due to the coordination of the ligand anion to 

the metal cation. Furthermore, the positive values of S° suggest a desolvation of the 

ligands, resulting in weak solvent-ligand interactions, to the advantage of the metal 

ion-ligand interaction [33].
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AhaenMk vs -1/T at I = 0.10 mol dm-3 NaNO3
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Table 5 .Thermodynamic quantities associated with the dissociation of en and its 
interaction with metal ions at 1:1 molar ratio and I = 0.10 mol dm-3   NaNO3

pKa or log
M
MAKligand or complex cation 

   t/oC=25 35 45 55 
en H 

H
7.00 ± 0.01 

10.40 ± 0.02 
6.88 ± 0.01 

10.20 ± 0.02 
6.80 ± 0.02 

10.12 ± 0.03 
6.75 ± 0.03 
9.97 ±  0.01 

(1:1) binary complex 
of en 

Th(IV)
UO2(II)
Ce(III)
La(III)

13.70 ± 0.01 
10.80 ± 0.03 
9.77 ± 0.02 
9.55 ± 0.01 

13.31 ± 0.02 
10.62 ± 0.04 
9.68 ± 0.02 
9.41 ± 0.01 

13.23 ± 0.01 
10.46 ± 0.01 
9.60 ± 0.04 
9.2 7± 0.02 

12.86 ± 0.03 
10.30 ± 0.02 
9.40 ± 0.01 
9.20 ± 0.03 

ligand or complex cation    H°
    kJ.mol-1 

G° 
   kJ.mol-1

S°
J.mol-1 K-1 

en

(1:1) binary complex 
of en 

H
H

Th(IV)
UO2(II)
Ce(III)
La(III)

22.71
8.77

-41.34
-27.35
-20.03
-19.50

59.34
39.94
-81.02
-61.62
-47.41
-43.07

-122.47
-102.88
122.44
114.84
120.27
117.08

Table 6 .Thermodynamic quantities associated with interaction of metal ions with the 
ligands at 1:1:1 molar ratio and I = 0.10 mol dm-3   NaNO3

                                      
MA
MALKlog

complex cation 
t/oC=25 35 45 55 

(1:1:1) ternary complex 
of Aha

Th(IV)
UO2(II)
Ce(III)
La(III)

5.91 ± 0.02 
5.80 ± 0.04 
5.60 ± 0.06 
5.32 ± 0.03 

5.85 ± 0.01 
5.77 ± 0.01 
5.56 ± 0.04 
5.23 ± 0.02 

5.82 ± 0.01 
5.70 ± 0.02 
5.53 ± 0.03 
5.21 ± 0.01 

5.78 ± 0.01 
5.69 ± 0.03 
5.50 ± 0.01 
5.20 ± 0.04 

(1:1:1) ternary complex 
of Sham 

Th(IV)
UO2(II)
Ce(III)
La(III)

12.50 ± 0.01 
9.20 ± 0.02 
8.40 ± 0.03 
7.74 ± 0.04 

12.34 ± 0.01 
9.03  ± 0.03 
8.26 ± 0.04 
7.55 ± 0.02 

12.09 ± 0.03 
8.88 ± 0.02 
8.14 ± 0.01 
7.48 ± 0.03 

12.00 ± 0.01 
8.75 ± 0.01 
8.02 ± 0.03 
7.40 ± 0.01 

Table 6. (Continued) 
complex cation    H°

    kJ.mol-1 
G° 

   kJ.mol-1
S°

   J.mol-1 K-1 

(1:1:1) ternary  complex 
of  Aha 

Th(IV)
UO2(II)
Ce(III)
La(III)

-37.88
-23.43
-15.73
-10.19

-59.93
-48.80
-44.81
-39.90

74.67
85.01
97.65
99.57

(1:1:1) ternary  complex 
of  Sham 

Th(IV)
UO2(II)
Ce(III)
La(III)

-28.65
-24.75
-20.83
-17.90

-71.32
-46.04
-44.50
-43.82

143.03
92.86
90.78
87.40
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