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Abstract-The second-stage dissociation constant pK2 of 2-Aminoethanesulfonic acid (taurine) was determined in aqueous solution at 

different ionic strengths and different temperatures, using pH- metric technique. The thermodynamic quantities (ΔG°, ΔH°, and ΔS°) 

were studied and discussed. The protonation equilibria for the Taurine in nonaqueous solutions were studied by pH-potentiometry. 

The dissociation constants, pKa, of taurine and the thermodynamic parameters for the successive and overall protonation processes 

of taurine were derived at different temperatures in three different mixtures of water and dioxane (mole fractions of dioxane were 

0.083, 0.174 and 0.33). Titrations were also carried out in (water + dioxane) with ionic strengths of 0.15, 0.20 and 0.25 mol・dm−3 

NaNO3, and the resulting dissociation constants are reported in this paper. A detailed thermodynamic analysis of the effects of 

organic solvent, dioxane, temperature and ionic strength on the protonation processes of taurine is presented and discussed to 

determine the factors that control these processes. 

Keywords- Protonation Constants; Taurine; Potentiometry; Solution Studies 

I. INTRODUCTION 

Taurine (2-amino-ethanesulfonic acid) is one of the most abundant amino acids in the human body. A number of 

researchers classify taurine as vitamin-like substance due to its diverse biological activities [1]. The biosynthesis of taurine is 

believed to be incomplete in astrocytes and neurons, but the metabolic cooperation between these two cell types is essential for 

the completion of the metabolic pathway for taurine [2]. Taurine is ubiquitously distributed, but is enriched in electrically 

excitable tissues such as the brain, retina, heart, and skeletal muscles [3]. The regulatory role of taurine has been implicated in 

a plethora of functions such as an anti-inflammatory molecule [4, 5], osmolyte, anti-oxidant [3, 6, 7], trophic factor [8, 9], and 

as a neuromodulator [10-12]. Clinically, taurine has been used with varying degrees of success for the treatment of a variety of 

conditions, including, but not limited to, cardiovascular diseases, hypercholesterolemia, epilepsy, macular degeneration, 

Alzheimer’s disease, hepatic disorders, alcoholism, cystic fibrosis, and, most recently in in vitro fertilization [13-14]. Acid 

dissociation constants are important parameters to indicate the extent of ionization of molecules in solutions at different pH 

values. The acidity constants of organic reagents play a fundamental role in many analytical procedures such as acid-base 

titration, solvent extraction, complex formation, and ion transport. It has been shown that the acid-base properties affect the 

toxicity [15],
 
chromatographic retention behavior, and pharmaceutical properties [16] of organic acids and bases. This 

empirical approach, although sometimes inescapable, is generally wasteful and it is more fruitful to determine the physico-

chemical properties of the reagents and their resulting metal complexes, and in particular their protonation constants. 

Determining those values could lead to a better understanding of the cause of specificity and selectivity of relevant analytical 

reactions. With this in view, the thermodynamic protonation constants, pKa, of taurine in different mole fractions of dioxane 

were determined and the thermodynamic functions associated with the protonation process evaluated in this study. Much of the 

theoretical foundation of modern organic chemistry is based on the observation of the effects on acid-base equilibrium of 

changing molecular structure [17]. The determination of the dissociation constant of an acid in mixtures of organic oxygen 

compounds with water provides useful data for the theoretical understanding of the ionization process in these media. There is 

still possibility to work on the determination of dissociation constants of biologically important substances for which the data 

at various temperatures and in different solvents mixture is not available frequently. 

Potentiometry is regarded as the primary technique for the study of solution equilibria because of its precision, accuracy, 

reliability, experienced data analysis and relatively cheap instrumentation. Recently, many techniques, such as voltammetry 

[18], spectrophotometry [19] and NMR [20], have been used with good results for equilibrium studies, but potentiometry (e.g. 

[21, 22]) still maintains its role as the principal analytical technique in this field. 

In this study, taurine refers to a class of compounds used for various analytical and biological applications. A good 

knowledge of its ionization in dioxane-water media is highly desirable. For this reason, knowledge of the constants for the 
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taurine is a prerequisite for gaining an understanding of their mechanisms of action in both chemical and biological processes. 

So, the ionization constants of taurine were determined potentiometrically in dioxane-water mixtures of different proportions. 

Also, the effect of structure on the ionization constants was discussed. 

II. EXPERIMENT 

A. Materials and Solutions 

The 2-Aminoethanesulfonic acid (taurine) used in this study is a commercially available chemical (Sigma) products, and 

was used without further purification. The B.D.H. “AnalaR” p-dioxane was purified by the procedure of Weissberger and 

Proskauer [23]. It was refluxed over pellets of KOH for 8 to 10 h and, distilled, and the middle fraction of the distillate was 

refluxed over metallic sodium for 5 to 6 h and re-distilled. The middle fraction was used. Its purity was established by 

determining the freezing point which varied from 184.75 to 184.95 K (uncorrected) against the reported range of 184.80 to 

185.15 K [24-25]. Carbonate-free sodium hydroxide solution was prepared by dissolving the Analar pellets in bidistilled water, 

and the solution was standardized potentiometrically with potassium hydrogen phthalate (Merck. AG). The nitric acid, sodium 

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

B. Apparatus and Procedure 

The pH titrations were performed using a Metrohm 702 titroprocessor equipped with a 665 dosimat (Switzerland). The 

titroprocessor and the electrode were calibrated with a computer program (GLEE, glass-electrode evaluation) [26] that was 

used for the calibration of glass electrode by means of a strong acid-strong base titration. This program provides an estimate of 

the carbonate contamination of the base, the pseudo-Nernstian standard potential, slop of the electrode, and optionally, the 

concentration of the base and pKw. It uses a non-linear, least-squares refinement to fit a modified Nernest equation (Eq. (1)), 

 ]log[0  HsEE , (1) 

where E is the measured electrode potential, E
o
 and s are parameters of the refinement and represent the standard electrode 

potential and slop, and [H
+
] represents the hydrogen ion concentration. 

In acidic solutions the hydrogen ion concentration is obtained from the mineral acid concentration, TH, as calculated from 

Eq. (2), that is, log [H
+
] = log (TH), 
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where aH is the concentration, (mol.dm
-3

), of the acid, of which υ0 cm
3
 were added to the titration vessel; bH is the 

concentration, (mol.dm
-3

), of the base in the burette (by convention given a negative sign), υ1 is the volume (cm
3
) of the 

background electrolyte solution added to the titration vessel; and υ, (cm
3
), is the volume of the base added from the burette; 

and γ is a correction factor for the base concentration, where γ is refined and the calculated base concentration is γ bH. 

In alkaline solutions the effective concentration of the base is usually reduced by the presence of a small amount 

(preferably <1%) of carbonate contamination. The extent of this contamination can be estimated by means of a gran plot [26]. 

Initially E
º
 was estimated from the acidic region and s was taken as the ideal Nernestian slop (T/5.0399 mV), than Eqs. (3) and 

(4) were fitted by linear least-squares regression.  
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A typical Gran plot was constructed. From the slopes and intercepts of the fitted lines two estimates were obtained for the 

volume of the base consumed at the equivalence point 
aaa

e mc /  for the acidic region and 
bbb

e mc / for the 

alkaline region. Assuming that the difference is due to carbonate, the effective base concentration is reduced by the factor 
b

e

a

e  /  in the alkaline region. The mineral acid concentration in the alkaline region is then given by Eq. (5). 
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where TH is negative and )log(]log[ HW TpKH 
.  

Given with these estimates of log [H
+
], the standard potential and slope can be obtained by least-squares fitting of Eq. (1) 

with standard buffer solutions. Based on the scale of the U.S. National Bureau of Standard [27], the pH-metric titrations were 

carried out at the desired temperature in a purified nitrogen atmosphere. The temperature was controlled by circulation of water 

through the jacket, from ultrathermostat bath and the variation was maintained within ± 0.1 °C. Efficient stirring of the solution 

was achieved with a magnetic stirrer. All test solutions were prepared by mixing the appropriate amounts of ligand, nitric acid 

and sodium nitrate solutions. All the test solutions contained an appropriate proportion (w/w) of the different organic solvent 

(dioxane) studied. The total volume was adjusted to 50 cm
3
 by adding double-distilled water. All the potentiometric titrations 

were carried out under magnetic stirring and bubbling purified pre-saturated N2(g) through the solution, to exclude O2(g) and 

CO2(g) inside. For each temperature, various ionic strength values were investigated and for each ionic strength at least two 

measurements were performed. The estimated precision was ±0.15 mV and ±0.001 mL for the e.m.f. and titrant volume 

readings, respectively. 

All calculations were performed using computer program based on unweighted linear least-squares fitting. The pH values 

in the dioxane +water solvent mixtures were corrected using the equation pH*= pH(R) -  , where pH* is the corrected 

reading and pH(R) is the pH-meter reading obtained in a partially aqueous organic solvent, by Douheret [28]. This was carried 

out to account for the difference in acidity, basicity, dielectric constant, and ion activities in the partially aqueous solutions 

relative to the pure solvent.  

C. Calculation 

To account for the differences in acidity, basicity, dielectric constant and ion activities for the partially aqueous solutions 

relative to pure aqueous ones the pKa values were calculated adopting the Irving and Rossotti technique as described [29-30]. 

From the titration, ( Hn


) the average number of protons associated with the Taurine, and the free ligand exponents at several 

pH values, were calculated using the formula of Irving and Rossotti [29-30]. Firstly, using the pH-metric titration curves, the 

average number of moles of protons per mole of ligand ( Hn


) at several pH values for the above-mentioned ligand was 

calculated using the equation: 
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where y is the number of dissociable protons (y=1), Va, Vb and Vd are the volumes of NaOH consumed to reach the same pH 

values in curves a, b and d, respectively Cb and CL are the concentrations of NaOH and ligand, respectively, and Vo is the 

original volume (25 cm
3
). The adequacy of a proposed regression chemical model to fit the experimental data and the 

reliability of parameter pKa can be estimated and examined by the goodness-of-fit test [31]. Thermodynamic quantities (ΔG°, 

ΔH°, and ΔS°) associated with the protonation equilibria of phenolic acids were calculated by the following equation 

 ΔG° = - RT lnK, (7) 

Both the standard enthalpies (ΔH°) and entropy (ΔS°) changes are correlated with the Gibb’s free energy change by the 

relation: 

 ΔG° = ΔH° - T ΔS° (8) 

III. RESULTS AND DISCUSSION 

In aqueous solution, turine is present in the zwitterionic form. Although the overall change is neutral, it has a large dipole 

moment and is represented as B
±
, a dipolar molecule. The acid-base equilibrium of the zwitter ion form of turine can be 

represented as follows in Scheme 1 
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or, more simply, 

B
±
    

pK
2

 B  ̄+ H
+ 

The pK1 values of the taurine investigated were too low ( 2.30) and existed only in strongly acidic solutions. In this 

situation, the criterion for the constancy of ionic strength is violated; hence, all data obtained were characterized by a large 

scatter [32]. Thus, the value of the dissociation constant of the strongly acidic sulfo group (pK1= 1.68 [33]) cannot be 

considered to be accurate. Therefore, these values were not used in the calculations, since the pH-metric data were measured in 

the range of 2   pH   11. The pK2 of taurine was determined potentiometrically using a computer program based on Iriving 

and Rossotti pH titration technique [34-35]. The details regarding the potentiometric method were reported in the experiment 

section. The value obtained (9.05) at 25°C and I = 0.10 mol dm
-3

 NaNO3 was compared with those of other works [33, 36-40] 

and it was shown that the results agreed within a very reasonable range (Table 1). The maximum deviation in pK2 values never 

exceeded than 0.2 units. Such deviations between the results obtained by different physical methods are not unusual; examples 

are plentiful in the literature [33, 36-40]. 

TABLE 1 SECOND DISSOCIATION CONSTANT OF TAURINE IN WATER 

  
pKa 

  Taurine 

  literature References This work 

  

  

  

  

  

  

  

8.93 [29] 9.05± 0.02 

8.95 [30]  

8.93 [31]  

9.01 [32]  

8.90 [33]  

9.08 [34]  

9.00 [36]   

The amino group within taurine is characterized by a lower acid dissociation constant as compared with  -alanine 

(pK2=10.36 [32]); this can be apparently attributed to the fact that the sulfo group has a stronger negative inductive effect as 

compared to that of the carboxylic group, which results in 0 K a decrease in electron density on the nitrogen atom of the 

taurine amino group and hence, decrease in its basicity.  

The values of pK2 at different temperature and different ionic strengths are included in Table 2.  

TABLE 2 SECOND DISSOCIATION CONSTANTS (PK2) OF TAURINE AT DIFFERENT IONIC STRENGTHS AND DIFFERENT TEMPERATURES 

Ionic 

Strength 
Temperature / °C   

  25 35 45 55 

0 9.161± 0.02 9.022±0.01 8.909±0.02 8.849±0.02 

0.02 9.153± 0.01 9.015±0.03 8.903±0.03 8.844±0.01 

0.06 9.120± 0.02 8.981±0.02 8.871±0.04 8.812±0.02 

0.1 9.070± 0.04 8.930±0.02 8.810±0.02 8.768±0.02 

0.15 9.052± 0.01 8.902±0.01 8.807±0.01 8.744±0.03 

0.2 9.011± 0.02 8.860±0.01 8.758±0.04 8.710±0.01 

0.25 8.975± 0.03 8.848±0.04 8.724±0.02 8.670±0.02 

The plot of pK2 vs. I  is linear as shown in Fig. 1. This in full agreement with the Debye–Hückel equation [41]. The 

thermodynamic equilibrium constants (at I = 0.00) were determined by applying linear regression analysis. 
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I  

Fig. 1 Plot of pK2 values of the taurine versus I  at different temperatures 

The thermodynamic quantities (ΔG°, ΔH°, and ΔS°) associated with the dissociation of taurine were also studied at each 

ionic strength, and the values obtained are given in Table 3. The enthalpy changes for the dissociation process were positive 

(endothermic). The positive values of ΔG° for the dissociation processes of the taurine denote that the processes were not 

spontaneous. In addition, the negative values of entropy changes pointing to increased ordering due to association. A plot of 

pK2 vs. 1/T gives a straight line as in Fig. 2. 

TABLE 3 THERMODYNAMIC QUANTITIES FOR THE DISSOCIATION PROCESSES OF TAURINE AT DIFFERENT IONICSTRENGTHS 

I ΔG kJ mol-1 ΔH  KJ mol-1 - ΔS  KJ K-1 mol-1 

0 52.29 22.83 98.76 

0.02 52.24 22.62 99.33 

0.06 52.05 22.52 99.03 

0.1 51.77 22.26 98.91 

0.15 51.67 22.20 98.71 

0.2 51.43 21.98 98.62 

0.25 51.23 21.95 98.18 

 
1/T (K) 

Fig. 2 Plot of pK2 values of the taurine versus 1/T (K) at different ionic strengths 
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It is marked in Fig. 3 that as the composition of organic solvent increases, the pKa values also increase. The dielectric 

constant of a solvent is the measure of a solvent's efficiency to separate oppositely charged ions. According to Columb’s Law 

the attraction of forces (F in Newton) between two ions charged with q- and q+ (in coulombs) separated by distance r (in meter) 

is: 

2/10988.8 9

R
qXF   

where ε is the dielectric constant of the solvent. The attractive force is inversely proportional to the dielectric constant
 
[42-43]. 

The larger the value of the dielectric constant, the smaller the attraction forces between the two ions (H
+
 and B

-
 for dissociation 

reaction of base) 

BH
+
  H + B (for base) 

and thus the larger the acidity constant  pKa values. The dielectric constants of water and dioxane are 78.5 and 2.21 

respectively. With an increase of dioxane concentration, the dielectric constant value of solvent will decrease resulting in a 

decrease of acidity constant or increase in pKa values [42-43]. 

 
1/T (K) 

Fig 3. Plot of dissociation constants, pK2, of taurine versus 1/T in 0.1 mol・dm−3 NaNO3 solutions at different (water + dioxane) mixtures 

When the ionization of an acid gives a net increase of ions, a decrease in the dielectric constant of the solvent should be 

accompanied by a decrease in the protonation constant (increase of pKa) of a weak acid dissolved in it. A solvent of low 

dielectric constant increases the electrostatic forces between the ions and facilitates the formation of molecular species, and 

should increase pKa, as borne out for taurine as in Table 4. The pK2 values increase with the increase of dioxane content (mole 

fraction of dioxane) because of the decrease in the dielectric constant of bulk solvent. The plot of pKa versus mole fraction of 

dioxane (Fig. 3) shows a linear relationship of the form pKa = mXz+c, where m, Xz and c represent the slope, mole fraction of 

dioxane and intercept, respectively. A similar behavior was found for several other acids such as acetic, propionic and formic 

acids [44], and for a number of β-diketones in aqueous dioxane [45]. Similarly linear plots were also obtained for some other 

mixed water solvents, e.g., acetic, propenoic, butyric and benzoic acids in (methanol + water) mixtures [46]. Regarding the 

variation of pKa values with the solvent composition, one can postulate that the zwitterionic to neutral form ratio decreases as 

the dioxan content increases. This can be inferred from considerations on specific solute–solvent interactions and structural 

changes in taurine from water to (dioxin + water) media. The present study supports the idea that the solvent effect on the 

protonation constant for the taurine  can be utilized to predict whether the zwitterion or the neutral form is the predominant 

species and how the zwitterionic to neutral form ratio changes with the concentration of organic component in (water + organic) 

solvent mixtures. The basicity of a compound is the result of various factors such as: (i) the solvent effect: solvation power, the 

tendency of forming hydrogen bonds, selective solvation, dielectric constant and the composition of the solution in the first 

solvation layer in the case of mixed solvents and (ii) structural effect, electronic effect, steric effect and the formation of 

hydrogen bonding. Since equilibrium constants in general are temperature dependent, a variation in temperature during 

measurements would naturally have a deleterious effect on the quality of the recorded data. Of much higher significance, 

however, is the fact that the measuring electrode itself is highly temperature sensitive, including its response to changes 

(“slope’’) in [H
+
]. The sum of these effects is usually of the order of magnitude 1 mV. K

-1
, and it is therefore vital that 

experiments are performed with a temperature control of at least 0.05 K [47]. 
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TABLE 4 SECOND DISSOCIATION CONSTANTS FOR TAURINE IN WATER + DIOXANE MIXTURES AT DIFFERENT TEMPERATURE AND I = 0.1 MOL.DM
−3 

NANO3 

Temperature/°C 

% w/w Dioxane (mole fraction of dioxane, Xz) 

 

 

30%(0.083) 50%(0.174) 70%(0.33) 

25 9.15 9.18 9.21 

35 9.08 9.10 9.14 

45 9.00 9.02 9.06 

55 8.93 8.94 9.00 

The second dissociation constants of taurine were determined in water +30, +50, and +70 wt % dioxane at four different 

temperatures from 25 to 55°C at intervals of 10 °C. The plot of pK2 vs. 1/T gives straight line Fig. 4. The values of pK2, 

together with their standard deviations are listed in Table 5. As can be seen from table 5, the slight increase in the value of ΔG° 

from +30 to +70 wt % dioxane could possibly be explained by the decrease in the dielectric constant of the mixed solvent, 

which could then cause a increase in the electrostatic free energies of the various ions in the solution produced by the 

dissociation process. The values of ΔH° decreased with increasing organic content of the solvent mixture, suggesting that the 

second dissociation process was becoming increasingly exothermic. The similarity between ΔH° values of the dissociation 

processes of turine in water and water + dioxane mixtures indicates similar pattern of solvation in these media. The values of 

ΔS° were found to increase with increase in dioxane content of the solvent medium for all the tautine, thereby proving that it is 

dependent of solvent composition. The net entropy changes associated with the protonation process can be attributed to a 

combination of the following: (i) charge neutralization (ii) subsequent liberation of ordered water molecules (i) and (iii) loss of 

rotational and vibrational degrees of freedom of the ligand. Only (iii) gives a small negative contribution to entropy, the 

contributions of (i) and (ii) together are more than the offset caused by (iii) and hence the protonation process has large 

positive ΔS° values. The protonation of these acids then appears to be entropy driven as expected from the degree of charge 

neutralisation and polarizability of the resulting anions. Furthermore, the change in ΔH° with change in medium was relatively 

small and within experimental error. For this reason, the plots of pKa versus Xz give practically the same slopes at different 

temperatures (Fig. 4). It is therefore justifiable to assume that ΔH° is independent of solvent composition over the range 

studied. The positive values of ΔG° for the dissociation of taurine studied denote that the processes are not spontaneous.  

TABLE 5 THERMODYNAMIC QUANTITIES FOR THE DISSOCIATION PROCESSES OF TAURINEIN WATER + DIOXANE MIXTURES  
ATDIFFERENT TEMPERATURE AND I = 0.1 MOL.DM

-3
 NANO3 

% w/w 

Dioxane ΔG KJ mol-1 ΔH  KJ mol-1 - ΔS  KJ K-1 mol-1 

30 52.23 13.10 132.36 

50 52.40 14.96 125.61 

70 52.55 13.86 128.76 

 
xz 

Fig. 4 Plot of pK2 values of taurine versus xz of dioxane solvent in 0.1 mol・dm−3 NaNO3 solution at different temperatures 
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The errors introduced in the determination of pKa are reflected in the values of all of the thermodynamic functions. 

Therefore, an estimate of the error is necessary to show the reliability of these results. The values of pKa were determined 

generally with a precision of 0.02 and did not exceed 0.03, and hence the error in ΔG° was estimated to be between 0.03 and 

0.04 kJ・mol
−1

. A high electrolyte concentration was used in order keep variations of the activity coefficients at a minimum. 

Precise thermodynamic data can only be obtained provided an inert electrolyte of fairly high concentration (≥ 0.10 mol・dm
−3

) 

is used. The main differences between different procedures for the study of ionic equilibria in aqueous and nonaqueous 

solutions are due to the activity coefficients. As in most equilibria in nonaqueous medium, a background electrolyte is added to 

maintain constant ionic strengthabout 0.1 mol・dm
−3 

NaNO3. This is allowed in some water-dioxane mixtures, but not in 

solvents of low dielectric constants where the solubility of the electrolyte is very low. 
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