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Introduction 

The acid dissociation constant is among an important 

physicochemical parameter of a substance, and knowledge of 

it is of paramount in a wide range of applications and 

research areas. To be more specific acid dissociation constant 

(pKa) is recognized as being among the most commonly used 

parameter in modern-days chemistry [1, 2]. A good example 

is that the constant is a prerequisite in the studies of 

phosphate uptake during bio-uptake, metabolic pathways in 

plants, animals, drug design and optimization [3, 4, 5, 6, 7]. 

For the case of the pKa of a drug, this influences lipophilicity, 

solubility, permeability, metabolism and excretion [8, 9, 10]. 

In physicochemical studies, pKas values can provide 

information on the ionic interactions of phosphate in both sea 

and hypersaline lake brines [11].  The pKa values themselves 

represent useful piece of physicochemical information, but in 

isolation they have limited value. 

There have been a number of methods employed for Ka, 

and pKa measurements based on solubility and 

potentiometric titration [12, 13].  When pKa is measured as a 

function of pH the characteristic sigmoid curve from which 

the pKa will be determined by locating the inflection point. It 

is true that pKa is universally referred as constant, but it is not 

truly constant because it depends on temperature, ionic 

strength (I), and solvent dielectric constant (ε) [14, 15, 16].  

The study of the relationship between apparent 

dissociation constants of phosphoric acid with ionic strength 

of solution is one of the most neglected physical factors 

which influence biochemical processes [17].
 
 In addition, 

ionic strength of solution can affect the equilibrium states of 

weak acids in solution, which is of great importance in 

chemical analysis [18, 19]. An aqueous solution consisting a 

mixture of a weak acid and its conjugate base or vice-versa is 

called buffer solution (pH buffer, hydrogen ion buffer). Its pH 

changes very little when a small or moderate amount of 

strong acid or base is added to it, is used to prevent changes 

in the pH of the solution. 

Buffer capacity ( ), is a quantitative measure of the 

resistance of buffer solution to pH change or addition of 

hydroxide ion. In other words, buffer capacity depends on the 

amounts of substance of weak acid and its conjugate base in 

the buffer. It is in fact, directly related to the first derivative 

of the buffer titration curve or refers to the slope of the 

titration curve. Buffer capacity can be defined as: 

   
  

 (     )

 

where dn is infinitesimal amount of added base and 

d(p[H
+
]) is the resulting infinitesimal change in the co-

logarithm of the hydrogen ion concentration. Thus, 

controlling the pH value within the optimal pH range is one 

of the most important task in ensuring buffer capacity [20, 

21]. Having such definition in mind the buffer capacity of a 

weak acid with dissociation constant Ka can as well be 

expressed as: 

  
   

 (   
)
        (
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where CA is the analytical concentration of the acid [22, 

23]. The pH is defined as -log [H3O
+
]. The buffer capacity of 

a buffering agent is at a local maximum when p[H
+
] = pKa. It 

can go up to 33% of the maximum value at p[H
+
] = pKa ± 1 

and to 10% at p[H
+
] = pKa ± 1.5. This is the reason why the 

useful range is approximately pKa ± 1. Buffer capacity, 

therefore is proportional to the concentration of the buffering 

agent, CA, so dilutions have little buffer capacity. 

It is well established that hydrofluoric acid in aqueous 

media is a weak acid; this aspect in dilute solution is due to 

the existing high H-F bond strength, which combines with the 

high dissociation enthalpy of HF of which outweigh the more 

negative of hydration of the fluoride ion [24].  
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ABSTRACT 

The apparent and thermodynamic parameters (pKa, pKb, Ka, Kb) are among the most 

common used physical parameters and their determinations are of interest to a broad 

range of research. It is apparent that hypersaline hydrochemical environment in 

concentrated salt lake brines has a profound modifying influence on parameters such as 

Ka, pKa's and buffer capacities. This study presents chemical parameters (Ka, pKa and 

buffer capacities) at typical high ionic strength salt lake brines, which were evaluated at 

25 
o
C and have revealed both pKa1 and pKa2 to decrease as ionic strength of the solution 

increases. The apparent dissociation constant Ka for HF is increasing as the ionic strength 

increases and thermodynamic Ka = 7.46 x 10
-4

 found is in good agreement with the 

values reported in the literature.  The phosphate buffer capacity in the target Rift Valley 

Salt Lake systems is observed to exceed that of pure water by a factor of 36 to 1000.                                                                                   
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It is true that numerous Ka values of HF have been 

reported in the past, [25] however, values of its equilibrium 

constant at a total ionic strength above 1.0 over the 

temperature range 25-55 
o
C are not available. The inadequacy 

of such information (apparent and thermodynamic constants 

for phosphate and HF) at high ionic strength as well as 

phosphate buffer capacities acted as a driving force in the 

present study given the importance of these parameters. 

Materials and Methods 

A pH scale Suitable for Reporting pH in High Electrolyte 

Media 

In ordinary procedures, the pH-meter electrode was first 

calibrated against a buffer supplied by the manufacturer, and 

then the meter reading obtained with the target solution is the 

pH of that sample. This simple technique was applied to 

either actual brines or synthetically re-constituted lake-like 

equivalents (using usually NaOH or NaNO3 or a recipe to 

attain the required ionic strength of the test brine) as a 

check/comparison.  

The Artificial Reconstituted lake brines at various ionic 

strengths were made up by diluting calculated volumes of 

standardized electrolyte solutions (NaOH and NaNO3) with 

CO2-free distilled water in a 250 mL volumetric flask. The 

following stock solutions were made. Sodium nitrate stock 

solution of 6.00 M was prepared by dissolving 255 g of 

analytical grade sodium nitrate in 500 mL volumetric flask 

using distilled water and then made up to the mark with 

distilled water. Similarly, NaOH stock solution 0.10 M was 

prepared by dissolving 2.00 g analytical grade NaOH in 500 

mL volumetric flask and made up to the mark with distilled 

water. This was standardized against standard 0.10 M HCl 

using phenolphthalein as indicator. The concentrations of 

standard sodium hydroxide (10
-2

, 10
-3

, 10
-4

, and 10
-5 

M) were 

obtained from appropriate dilution of the stock solution.  

The ionic strength for brine was evaluated by analysis of 

all cations and anions. The target lakes were alkaline (pH ≥10 

due to HCO3
-
 and CO3

2-
). The pH scale for each I value (I = 

0.5 ∑ Ci Zi2) was developed by re-constituting a synthetic 

brine (as explained above) which included of [NaOH] = (i) 

10
-1

 M (pH = 13); (ii) 10
-2

 M (pH = 12); (iii) 10
-3

 M (pH = 

11) and (iv) 10-4 M (pH = 10). For a given brine, a linear plot 

of pH vs log [NaOH] was obtained for pH measurement for 

test samples of that ionic strength. 

Phosphate Buffer Capacities Evaluation 

From basic definition buffer capacity is the number of 

moles of a strong base for example NaOH that must be added 

to one litre of the solution to raise its pH by one unit [ 26], 

then this parameter was evaluated directly from the 

potentiometric curves. This was carried out from the 

potentiometric curve for synthetic brines at different ionic 

strengths. The curve of each graph was subdivided into three 

portions as it will be seen in the results part (Figure 1.0). Each 

point located on the curve was joined to its adjacent points 

(two) at the lower and the upper part to obtain a new curve. 

Each curve obtained had its respective general equation y = 

mx + c the slope was noted and substituted into phosphate 

buffer capacity general equation below: 

 Phosphate buffer capacity 
 =

1

slope
 x 

1

V

  

where V stands for volume at point of inflection 

These buffering capacities were plotted against ionic 

strength giving the trend of which will be seen later. 

 

 

Measurement of pKa's for Phosphate  

Phosphoric acid is a triprotic acid which can undergo 

three stepwise dissociations [27, 28], but the third ionization 

constant pKa3 is not discernible in water due to its closeness 

to pKw (ionic product for water) while a minimum separation 

requirement of 10
5
 to 10

6
 between equivalence points is the 

conditionality for identification. 

Thus,  

Ka3 =  
[H3O+][PO4

3-]

[HPO4
2]

  
 

For the hydrolysis of PO43- :  

Khy =  
[HPO4

2 ][OH-]

[PO4
3 ]

 

multiplying by [H3O
]

[H3O
]

   1
   :  

Khy =  
[HPO4

2 ][OH-][H3O]

[PO4
3][H3O+]

 =  
Kw

Ka3

 

Thus: pKhy + pKa3 = pKw = 14.  

Since pKhy = 1.33 at 25 ˚C [29], then pKa3 = 12.67. This 

is relatively close enough to pKw = 14 and alternative 

techniques (e.g. use of alternative non-aqueous solvents or 

thermodynamic derivations) for its evaluation are needed 

[27].  

A model of the phosphate equilibria was re-constituted in 

the laboratory at the same ionic strength as the actual 

concentrated Salt Lake brine of the target lake. This was 

intending to minimize the influence of chemical (ammonium 

salts, dissolved gases and organic matter or suspension) 

effects which may be out of control and produce reproducible 

information for brines of such high ionic strength [30, 31]. 

The experimental details for synthetic brine: Due to the fact 

that the target Rift Valley Lake Eyasi found in Tanzania East 

Africa has a maximum of I = 11.32 this was not possible to be 

reconstituted in the laboratory only solutions with up to I = 

7.5 were reconstituted. The latter was obtained by mixing up 

NaCl and NaNO3 salts at different ratios, which depend on 

the required ionic strength. The synthetic solutions were 

prepared using ionic strength equation hereunder [32]:  

I = 0.5 Σ CiZi
2
 

where Ci stands for molar concentration of the ion in  

mole. dm
-3

. 

Zi stands for charge on the ion. 

I stand for ionic strength of solution and it is a dimensionless 

quantity. 

The summation (Σ) extends over the ions in the solution. 

A worked example of I = 6 represents how the rest (6.5, 6.8, 

7.3 and 7.5) ionic strengths were prepared.  

Salt Lake electrolyte at 0.101 M H3PO4 phosphoric acid 

A volume of 50 mL of standardized 1.010 M phosphoric 

acid was transferred into a 500 mL volumetric flask (0.101 M 

H3PO4). Weights of 127.50 g of sodium nitrate (3.00 M 

NaNO3) and 69.99 g of NaCl (2.39 M NaCl) were added into 

the flask. The volume was made up to about 450 mL with 

distilled water and shaken well to allow the solid to dissolve. 

Then the volume was made up to the mark with distilled 

water and tightly closed with a stopper. The ionic strength 

was computed as follows: 

I = 0.5 Σ CiZi
2
  

where: I, Ci and Zi carry usual meaning as above 

C(H3PO4) = 0.101 M; Z (H
+
) = 1 and Z(PO4

3-
) = 3 
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C(NaNO3) = 3.00 M; Z(Na
+
) = 1 and Z(NO3

-
) = 1    

C(NaCl) 2.39 M; Z(Na
+
) = 1 and Z(Cl

-
) = 1  

I = 0.5 Σ {(0.101 x 1
2
 x 3) + (0.101 x 3

2
) + (3 x 1

2
) + (3 x 

1
2
) + (2.39 x 1

2
) + (2.39 x 1

2
)}  

I = 0.5 Σ{1.21+ 6 + 4.78} 

I = 6.00 

The compound ionic strength of this electrolyte is 6.0 and 

molarity of phosphoric acid is 0.101 M. Also Salt Lake 

electrolyte at 0.101 M sodium hydroxide was as well 

prepared in the same way as phosphoric acid.  

Experimental Procedure 

A 50 mL of synthetic 0.101 M phosphoric acid solution 

at a given ionic strength was transferred into a 400 mL beaker 

provisioned with a Teflon protected stirring magnet. The 

electrode of the calibrated pH meter was immersed into the 

solution. The solution was stirred for about twenty minutes 

and the pH reading was noted. This solution was titrated with 

synthetic 0.101 M sodium hydroxide of the same ionic 

strength and molarity from the burette. Both the burette and 

pH readings were recorded after each addition of sodium 

hydroxide solution. The titration continued just above pH 11 

though it was difficult to go up to pH 12 because Ka3 of 

phosphoric acid is very close to Kw of water. A titration 

curve of pH against volume of NaOH was then constructed. 

Evaluation of Ka for Hydrofluoric Acid 

The dissociation constant of hydrofluoric acid is 

determined through direct measurements of concentrations of 

free fluoride ions by lanthanum fluoride membrane electrode 

which is permeable only to fluoride ions [33, 34].  

Through measurement of fluoride electrode potential and 

[H
+
], the Ka of hydrofluoric acid is calculated at different 

ionic strengths and extrapolation of the linear curve is made 

up to infinite dilution when (I = 0). Thus, the thermodynamic 

dissociation constant for HF at room temperature is obtained. 

The determination was done in aqueous solutions of varying 

ionic strengths (6.0, 6.5, 6.8, 7.3 and 7.5) with sodium nitrate 

as a supplementary electrolyte. In this case Vanderborgh 

method was used to measure Ka of HF as a function of ionic 

strength [33, 34]. This was obtained from the following 

general equation; 
        

 
         

 

where: EFT stands for measured potential in absence of [H
+
] , 

EF stands for measured potential as a function of pH 
        

 
 against pH should yield a linear relationship of slope 

= 1.00 with intercept log Ka. 

Experimental Procedure 

The stock solution of 1.01 M NaF was prepared by 

weighing reagent grade NaF after drying at 120 
o
C for 24 

hours. A 10 mL volume of NaF stock solution was transferred 

by pipette into a 100 mL volumetric flask, then topped to the 

mark with distilled water, this contains 10
-1

 M NaF. From this 

solution 10 mL was pipette and transferred into another 100 

mL volumetric flask, and then topped up with distilled water 

to the mark, this contains 10
-2

 M NaF. The rest of the 

standard HF concentrations were prepared in this sequence up 

to 10
-5

 M NaF. 

Hereunder there is an example of how a mixture of 

sodium nitrate and nitric acid for a specified ionic strength 

was prepared.  

How to prepare a mixture of I = 7.5 

From the stock solutions of sodium nitrate 7.80 M and 

1.00 M HNO3, a mixture of I = 7.5 of varying NaNO3 and 

HNO3 was prepared and then topped up to the mark with 

distilled water. Dilution law was used to obtain the volume of 

NaNO3 which was required to prepare I = 7.5 in 100 mL 

volumetric flask.  

M1V1 = M2V2 

where: M1 stands for molarity of stock solution NaNO3 

     V1 stands for volume of NaNO3 stock solution to be 

used 

    M2 stands for molarity of NaNO3 to be prepared which 

is 7.5 

  V2 stands for volume of flask to be used which is 100 

mL 
      

  

   

 

         

    
   

 

V1 = 96.15 mL 

The volume of 96.15 mL NaNO3 was required to prepare 

a solution of I = 7.5 from stock solution of 7.80 M in 100 mL 

volumetric flask.  

Preparation of 0.01 M HNO3   

A 1 mL of 1.00 M HNO3 was transferred into a 100 mL 

volumetric flask. In terms of ionic strength HNO3 has 

contributed I = 0.01. The difference is 7.5 - 0.01 = 7.49 which 

is contributed by NaNO3. Since V1 = 96.15 mL of NaNO3 is 

required to prepare I = 7.5 then, this difference requires; 
            

    
         

 

Volume = 96.02 mL NaNO3 

Hence 96.02 mL of 7.80 M NaNO3 and 1 mL of 1.00 M 

HNO3 were transferred into 100 mL volumetric flask. This 

was made up to the mark with distilled water. The ionic 

strength of this solution is 7.5 and the rest ionic strengths 

were prepared following same procedure. 

Experimental Procedures 

Procedure 1 

A calibration curve for standard fluoride solution to 

check the Nernstian response of the electrode was run as 

follows: 

 From a stock solution of fluoride, different fluoride 

concentrations, ranging between 10
-1

 and 10
-5

 M at the ionic 

strengths 6.0, 6.5, 6.8, 7.3 and 7.5 each ionic strength was 

prepared in 100 mL volumetric flasks. A 50 mL of the test 

solution was pipette and transferred into a 100 mL plastic 

beaker fitted with a Teflon protected stirrer. The electrodes 

were immersed into the solution i.e., fluoride and reference 

electrode. The solution was then stirred for fifteen minutes 

and the potential in mV noted. A plot of EF against log [F] 

was made and linear plot was obtained at a given ionic 

strength. This was done for five samples and a slope S 

established at a given ionic strength which was used in the 

next stage. 

Procedure 2  

From the mixture of HNO3 and NaNO3, potential 

measurements were made in the series of solutions. Each 

series was of constant ionic strength mixtures of sodium 

nitrate and nitric acid. A 20 mL of each test solution was 

mixed with 20 mL of 0.001 M NaF into a 100 mL plastic 

beaker fitted with a Teflon protected stirrer. The electrodes 

were immersed into the whole mixture and stirred for about 

fifteen minutes. When a steady state was reached the pH, 

potential EF and room temperature were noted. From this 

general equation 
       

 
         , a plot of (EFT – EF)/S against 

pH was constructed. From the latter values of -log Ka were 
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determined at different ionic strength and plotted against the 

square root of ionic strength ( I) and a linear plot was 

obtained.  

Results and Discussion 

The apparent dissociation constants of phosphoric acid in 

both sea water and hypersaline lake brines are important for 

studies of the formation and solubility of apatites and 

phosphorites [35].  These constants are also necessary for the 

studies of uptake of phosphate during bio-uptake, metabolic 

pathways in plants and animals [6, 7, 36]. In 

physicolchemical studies, theses constants can provide 

information on ionic interactions of phosphate in both sea and 

hypersaline lake brines. The pKa values are used to compare 

the strength of acids; the higher the pKa of an acid the weaker 

is the acid. The pKas were evaluated from pontentiometric 

curve for synthetic brines at a selected ionic strength value for 

example, Figure 1.0. Each point located on the curve was 

joined to its adjacent points (two) at the lower and the upper 

part to obtain a new curve Figure 2.0. Each curve obtained 

had its respective general equation y = mx + c Figure 3.0 the 

slope was noted and substituted into phosphate buffer 

capacity general equation below: 

Phosphate buffer capacity 
 =

1

slope
 x 

1

V

 

 The examination of apparent dissociation constants for 

phosphate in the target lake has shown both pKa1 and pKa2 to 

decrease with increasing ionic strength (Table 1.0). In fact 

similar decrease in apparent dissociation constants has been 

revealed by the rise in salinity of sea water Table 2.0 [37]. 

Table 1.0. Apparent Phosphate Equilibria Parameters 

Obtained Graphically 

Ionic 

Strength 

6.0 6.5 6.8 7.3 7.5 

pKa1 3.66 3.49 3.40 3.01 2.71 

pKa2 8.24 8.15 7.98 7.73 7.50 

PKa3 n.d n.d n.d n.d n.d 

pKa1 3.24 x 

10
-4

 

3.24 x 

10
-4

 

3.98 x 

10
-4

 

9.77 x 

10
-4

 

1.95 x 

10
-3

 

pKa2 5.75 x 

10
-9

 

7.08 x 

10
-9

 

1.05 x 

10
-8

 

1.86 x 

10
-8

 

3.16 x 

10
-8

 

pKa3 n.d n.d n.d n.d n.d 

n.d stands for not determined 

 

 

Figure 1.0. Potentiometric Curve for Synthetic Lake 

Brines at Selected Ionic Strength Value Showing 

Parameters for Evaluation of Phosphate pKa Values for               

I = 7.5. 

 

Figure 2.0. A Plot of pH Against Volume of Sythetic 

Sodium Hydroxide from a Portion of  Figure 1.0  at 2
nd

 

Inflection Point. 

 

Figure 3.0. A Plot of pH Against Volume of Synthetic 

Sodium Hydroxide from a Portion of Figure 1.0 for           

I = 7.5. 

Table 2.0. Apparent Dissociation Constants for 

Phosphoric Acid in Seawater at 25 
o
C [37]. 

Salinity 30% 33% 36% 

pKa1 1.63 1.60 1.62 

pKa2 6.13 6.10 6.03 

pKa3 8.75 8.60 8.55 

Ka1 2.36 x 10
-2

 2.52 x 10
-2

 2.37 x 10
-2

 

Ka2 7.40 x 10
-7

 7.90 x 10
-7

 9.30 x 10
-7

 

Ka3 1.79 x 10
-9

 2.50 x 10
-9

 2.80 x 10
-9

 

On the other hand high ionic strength electrolytes have 

revealed numerically large phosphate buffer capacity values 

(Table 3.0). This implies that the high ionic strength solution 

is essentially a good buffer [38]. Thus, there can be no doubt 

that the composition of high ionic strengths medium 

influences the buffer capacity of phosphate system since the 

experimental equilibrium constants (apparent) are observed to 

alter when the medium changes (Table 1.0). The data on 

buffer capacities of artificial lake brines suggest that the 

target lake possesses high phosphate buffer capacity. The 

phosphate buffer capacity values of an artificially 

reconstituted lake brine are between 30 and 300 times more 

than that of water which is 4.6 x 10
-7

 mole.dm
-3

 [39. 40] and 

for typical salinities in the Rift Valley Lake Eyasi, the 

magnitudes exceed this value by about 36-1000 times. Such 

high buffering capacity which is extremely chemically 

aggressive aquatic environment and with high pH are critical 

factors for life forms in the salt lakes, and therefore the 

capacity of the brine to resist sudden drastic pH alterations 

maximizes the tolerance of such life forms to this 

environment. A good buffering capacity is essential in such 

system so as to sustain processes therein which operate within 

strict pH tolerances for most of the resident biological life 

forms.
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The buffer capacity   values for each plot (Table 3.0) are 

maximum at a point just before first inflection, small at a 

point before the second inflection and a bit large before the 

third inflection, but not more than the value obtained before 

the first inflection. The   values are maximum at low pH, 

decrease gradually as pH raises and at a certain pH value the 

  values start raising depending on the ionic strength of the 

solution see Figure 4.0. 

 

Figure 4.0. A plot of Buffer Capacity Against pH 

It is well known that hydrofluoric acid in aqueous media 

is a weak acid [24], this has triggered the study on both 

apparent and thermodynamic dissociation constants for HF at 

different ionic strengths of like-like environments. This has 

revealed the relationship between dissociation constants of 

HF and ionic strength. In this work the Vanderborgh 

approach has been expanded to work with high ionic strength 

concentrations. The apparent dissociation constants obtained 

at varying ionic strengths facilitate the basis for estimation of 

the thermodynamic constant Ka for HF system.  

The experimental results presented in Table 4.0 indicate 

that the apparent dissociation constants increase with the 

increasing ionic strength. When a plot of log Ka against 

square root of ionic strength  in Figure 5.0 is extrapolated to 

infinite dilution (I = 0) at room temperature, the intercept of 

the line gives a value of -log Ka = 3.127; this corresponds to 

the thermodynamic value Ka = 7.46 x 10
-4

 mol.dm
-3

. The 

thermodynamic constants for HF at infinite dilution have 

been determined by different workers [34, 41, 42, 43].  

While Vanderborgh worked in the ionic strength values 

ranging between 0.05 to 0.50, Qulwi, worked in a range 

between 0.266 and 1.42 and this work presents the results for 

ionic strength values between 6.0 and 7.5 at room 

temperature. The thermodynamic value obtained by this 

work, however, is in good agreement with those reported by 

other research groups Table 4.0. The significant variations in 

both thermodynamic and apparent dissociation constants in 

Table 4.0 are due to a number of limiting factors which give 

rise to errors in the measurements.  

 

Figure 5.0. A plot of –log Ka against     for Fluoride 

Equlibria at 25 
o
C. 

 

Table 3.0. Different Values Used for Evaluation of Buffer Capacity at Points of Minimum Gradients 
Ionic  

Strength 

Inflection 

points 

pH at 

point of 

inflection 

Volume V at point 

of inflection in mL 

Slope at 

point of 

inflection 

𝜷 

(mole.dm
-3

) 

x 10
-5

 

 1
st
  0.99 8 + 50 0.020 8.106 

6.0 2
nd

  5.74 78 + 50 0.048 1.644 

 3
rd

  8.98 100 + 50 0.032 2.104 

 1
st
  0.23 2 + 50 0.021 9.249 

6.5 2
nd

  6.68 78 + 50 0.047 1.679 

 3
rd

  10.29 100 + 50 0.032 2.104 

 1st 0.72 8 + 50 0.017 10.243 

6.8 2
nd

  5.16 66 + 50 0.040 2.177 

 3
rd

  10.26 136 + 50 0.024 2.262 

 1
st
  0.34 3 + 50 0.018 10.587 

7.3 2
nd

  5.56 82 + 50 0.035 2.186 

 3
rd

  9.82 126 + 50 0.024 2.391 

 1st 0.28 2 +50 0.015 12.949 

7.5 2
nd

  5.20 72 + 50 0.038 2.208 

 3
rd

  9.98 130 + 50 0.023 2.494 

Table 4.0. Apparent and Thermodynamic (pKa and Ka) of HF Values 

 Ionic strength pKa Ka References 

Apparent 0.226 3.96 1.10 x 10-3 41 

“ 1.02 2.82 1.15 x 10-3 “ 

“ 1.49 2.74 1.82 x 10-3 “ 

“ 6.00 0.36 0.44 This work 

“ 6.50 0.22 0.60 “ 

“ 6.80 0.18 0.66 “ 

“ 7.30 0.07 0.85 “ 

“ 7.50 0.03 0.93 “ 

Thermodynamic 0.00 3.13 7.46 x 10-4 “ 

 0.00 3.15 7.07 x 10-4 41 

 0.00 3.19 6.46 x 10-4 34 

 0.00 3.16 6.85 x 10-4 42 

 0.00 3.17 6.71 x 10-4 44 

 0.00 3.13 7.40 x 10-4 43 
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Conclusions 

The study of apparent dissociation constants for 

phosphate in the target lake brines has shown that both pKa1 

and pKa2 decrease as ionic strength of the solution increases. 

This has been also revealed by the rise in salinity of sea water 

[37]. The phosphate buffer capacity rises proportionally with 

ionic strength of the lake brines. Therefore, the target lake 

being highly concentrated system should possess high buffer 

capacity. This was revealed by an example of phosphate 

buffer capacity at I = 7.5 which is up to 300 times that of pure 

water (4.6 x 10
-7

) mol.dm
-3

 For typical salinities in the Rift 

Valley Lake Eyasi Salt Lake, the magnitudes of buffer 

capacity exceed this value by about 36-1000 times.  

 A good buffering capacity is essential in such systems so 

as to sustain processes therein which operate within strict pH 

tolerances particularly for most biological forms. It is 

important to be aware that extreme hypersaline aqueous 

environment harboring limited phylogetic diversity provide 

tractable model ecosystems to confront both physical and 

biological challenges faced by living organisms and entire 

communities [45,46, 47].  The thermodynamic dissociation 

constant (Ka) for HF = 7.46 x 10
-4

 mole.dm
-3

 obtained in this 

study is in good agreement with the value of Ka = 3.55 x 10
-4

 

mole.dm
-3

 reported in the literature together with those values 

obtained by other research groups in Table 4.0. The observed 

variation in the thermodynamics constants Ka for HF value 

obtained in this work (7.07 x 10
-4

) compared to the value 

obtained by other workers, may be due to higher ionic 

strength of the solution used in evaluation of apparent Ka 

values. 
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