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Ionic equilibrium         لأيوني΍ ϥ΍ΰلات΍ 
It is the dynamic equilibrium established between the unionized 

molecules and the ions released by weak electrolytes in their solutions.  

ϥί΍لتو΍ ي  هوϜميΎϨيΪل΍ΕΎΌيΰΠل΍ ئم بينΎϘل΍  ΔϨمتأي ήلغي΍ϭΕΎلايون΍  ΕΎليتϭήتϜلال΍ ΎϬϘϠلتي تط΍
 Δلضعيف΍ في.ΎϬϠليΎمح

Materials in their aqueous solution classified into two types: 

electrolytes and non-electrolytes. 

 ΔئيΎϤل΍ ΎϬϠليΎفي مح Ω΍وϤل΍ΔليتيϭήتϜل΍ :نوعين ϰل΍ سمϘت ϭلاΔليتيϭήتϜل΍.
Electrolytes divided into 

A. Strong electrolytes:

Solutes that are completely ionized in their aqueous solutions. These 

electrolytes are conduct electricity well, high solubility, such as strong 

acids, strong bases and many salts. 

ΔئيΎϤل΍ ΎϬϠليΎفي مح ΎمΎϤلتي تتأين ت΍ Ω΍وϤل΍ هي ΔويϘل΍ ΕΎليتϭήتϜلال΍ . هي ΕΎليتϭήتϜلال΍ ϩάه
΍لϘو΍ع΍ ، ΪلϘويΔ موصلاΕ جيΓΪ لϠتي΍έΎلήϬϜبΎئي، ϭΫبΎنيتΎϬ عΎليΔ، مΜل ه΍ ϩάلϤو΍ Ω΍لأحΎϤض

ΔويϘل΍ Ρلاملا΍ من ΪيΪلع΍ϭ.

HCl → H+ 
+ Cl-

NaOH → Na+ 
+ OH-  

Ca(OH)2 → Ca2+ + 2OH-  

NaCl → Na+ 
+ Cl-

B. Weak electrolytes:

Solutes that are partially ionized in their aqueous solutions. They exist 

as a mixture of ions and un-ionized molecules in solution and there is a 

balance between the forward and reverse reactions (reaching ionic 

equilibrium). These electrolytes conduct electricity weakly, such as weak 

acids and bases. 

 ΕΎليتϭήتϜلال΍ ϩάه .ΔئيΎϤل΍ ΎϬϠليΎفي مح Ύئيΰلتي تتأين ج΍ Ω΍وϤل΍ هي Δلضعيف΍ ΕΎليتϭήتϜلال΍
.΍لضعيف΍ΔلϘو΍عΔ، Ϊ في΍لضعلϠتي΍έΎلήϬϜبΎئي مΜل ه΍ ϩάلϤو΍ Ω΍لأحΎϤض  ضعيف΍ Δلتوصيل

H2O 
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HCN      ⇌     H
+ 

+   CN
-

CH3COOH    ⇌    H
+

+ CH3COO
-

NH4OH    ⇌   NH4
+ 

+ OH
-

Non-electrolytes materials: 

These are the materials that do not release any ions in their aqueous 

solutions such as ethanol or glucose. 

 Ω΍وϤل΍ل΍للا΍تϜϭήليتΔلتي  ي΍ Ω΍وϤل΍ هيϥيو΍ ϱ΍έήلا تح  Ω΍وϤل΍ ϩάل هΜم ΔئيΎϤل΍ ΎϬϠليΎفي مح
ίوكوϠϜل΍ ήϜس ϭ΍ ϝنوΎΜلاي΍.

C2H5OH     ⇌     C2H5OH

Glucose    ⇌    Glucose

Acids and bases         Ϊع΍وϘل΍ϭ مض΍لحو΍ 
There are different definitions (concepts) of acids and bases, each 

useful in their particular situations.  

ϙΎϨيف هέΎهيم( تعΎمف( ΔفϠتΨض مΎϤللأح ،Ϊع΍وϘل΍ϭ ΎϬϨكل م ΓΪفي مفي ΕΎقΎلسي΍ ΔصΎΨل΍ مϬب. 
1. Arrhenius concept

Acid is a substance that ionized in water to give hydrogen ions (or

hydronium ions), while base is a substance that ionized in water to give 

hydroxide ions.  

 ϥΎف αيوϨهيέأ أΪΒϤل ΎϘفϭلح΍Ύل هو مض΍ΓΩΎϤ ل΍ء في تي تتأينΎϤل΍ أيون لتعطيΕΎ جينϭέΪيϬل΍ (ϭأ 
ΕΎل أيون΍ϡنيوϭέΪيϬ)، ΎϤϨل بي΍ΓΪعΎϘ يϬل ف΍ΓΩΎϤ ل΍ء في تي تتأينΎϤل΍ لتعطي ΕΎل أيون΍ΪكسيϭέΪيϬ.

HCl → H+ 
+ Cl- 

NaOH → Na+ 
+ OH-  

 

 

H2O 

H2O 
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2. Brønsted and Lowry concept

Acid is any substance that is capable of donating proton, while base is

any substance can accept a proton. 

Ϊتيθنϭήأ بΪΒحسب م- ϥΎف ϱέلحلو΍Ύهو مض  ΓΩΎم ϱ΍لϥتوϭήΒل΍ حϨم ϰϠع ΓέΪϘل΍ ΎϬ، ΎϤϨبي 
.΍ ΎϬلΓέΪϘ ع΍ ϰϠكتس΍ ΏΎلϭήΒتوϥلتي ΍ل ΍ΓΩΎϤل فϬي ΎϘع΍ΓΪل

An acid donates protons only in the presence of a proton acceptor  (a 

base). Likewise, a base accepts protons only in the presence of a proton 

donor (an acid). An important feature of the Brønsted-Lowry concept is 

the conjugate acids and bases. A conjugate base (base1) is formed when 

an acid (acid1) loses a proton. A conjugate acid (acid2) is formed when a 

base (base2) accepts a proton. 

ΒϘل لاتت ΎϘع΍ΓΪل ϭبΎلΜϤل،(. ΎϘع΍ΓΪل) ϭήΒتو΍ϥل متΒϘل بوجوΩ فϘط ΍لϭήΒتونΕΎ يϬب مضΎح΍ل
ΕΎتونϭήΒل΍ إلا Ωنح بوجوΎل م΍ϥتوϭήΒ (ل΍حΎمض.) ΔϤس ΔمΎه ϡوϬفϤل θنϭήبΪت-ϱέهي  لو

ΔنέΎϘض متΎϤلأح΍ Ϊع΍وϘل΍ϭ . ϥوϜلتت΍ΓΪعΎϘ ΔϨيήϘل΍ ΎمΪϨع ΪϘل يف΍حΎمض مضΎتون (1)حϭήبΎ .
ϭϥوϜل يت΍حΎين مضήϘل΍ ΪϨعΎل ت مΒϘلت΍ΓΪعΎϘ ΓΪعΎϘل΍(2) تونϭήب.Ύ 

CH3COOH +   H2O    ⇌    H3O
+

+ CH3COO
-

acid1   +  base2     ⇌  acid2 +      base1    
conjugate acid      conjugate base 

HNO2 +   H2O    ⇌ H3O
+

+ NO2
-

base1   +  acid2   ⇌  acid1    +      base2    
conjugate acid      conjugate base 

NH3   +   H2O    ⇌ NH4
+

+ OH
-

base1  +  acid2     ⇌ acid1   +    base2

conjugate acid      conjugate base

Note: The conjugate acid of water is the hydrated proton written as 

H3O+. This species is called hydronium ion, and it consists of a proton 

covalently bonded to a single water molecule. 
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From the last two equations, we consider water as amphiprotic 

solvent because it exhibits both acidic and basic properties. 

.مάيب ΍مفوتيϱή لϜونه يϤتϠك ΍لΨو΍ ι΍لحΎمضي΍ϭ ΔلΎϘعΪيΔ يعت΍ήΒلΎϤء
After an acid has donate a proton the species that remains is capable 

of accepting proton to reform the original acid then every acid is 

paired with its corresponding base which is called as conjugate base. 

ليعيΪ تϜوين  بϭήتوϥيتحو΍ ϝلϰ صϨف قέΩΎ ع΍ ϰϠكتسΏΎ بعϥ΍ Ϊ يف΍ ΪϘلحΎمض ΍لϭήΒتوϥ فΎنه 
 ϭكل حΎمض يϘتϥή مع ΍لΎϘع΍ ΓΪلϤعϨي΍ϭ Δلتي تΪعϰ بΎلΎϘع΍ ΓΪلήϘي΍،  .ΔϨلحΎمض ΍لاصϠي

3. Lewis concept

Acid is any material capable of accepting pair of electrons such as

AlCl3, BF3 and base is any substance can donate pair of electrons such 

as F-, NH3. 

حسب مفϬوϡ لويس ف΍ ϥΎلحΎمض هو ϱ΍ مΓΩΎ ل΍ ΎϬلΎϘبϠيΔ عϰϠ تΒϘل ΍ ΝϭίلϜتϭήني ΍ϭلΎϘعΓΪ هي 
΍يΔ مΓΩΎ ل΍ ΎϬلΎϘبϠيΔ عϰϠ مϨح ΍ ΝϭίلϜتϭήني.

BF3  + :NH3    →   F3B :NH3

Ion product constant of water           ءΎϤϠلايوني ل΍ صلΎلح΍ بتΎث 
Aqueous solutions contain small concentrations of hydronium and 

hydroxide ions (which are strongly contacted to water molecules) as a 

result of the dissociation reaction: 

H2O + H2O   ⇌    H3O
+  

+   OH
-

     ϥ΍άϠل΍( ΪكسيϭέΪيϬل΍ϭ ϡنيوϭέΪيϬل΍ يوني΍ من Γήصغي ΰكي΍ήت ϰϠع ϱتحتو ΔئيΎϤل΍ ليلΎحϤل΍
 ΓوϘب ϥΎطΒتήي.έكوάϤل΍ كϜلتف΍ علΎلتف ΔΠتيϨء( كΎϤل΍ ΕΎΌيΰمع ج

Applying mass action law, an equilibrium constant (K) for this 

reaction can be written as shown in the following equation: 

The concentration of water in dilute aqueous solutions is enormous 

(molar concentration of water equal to 55.5 M), however, when compared 

with the concentration of hydronium and hydroxide ions. As a result, 

[H2O]2 in the equation can be taken as constant, and we write: 
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΍لϬيϭέΪنيوϡ  في ΍لϤحΎليل ΍لΎϤئي΍ ΔلΨϤففΔ كΒيή ج΍Ϊ مέΎϘنΔ بت΍ήكي΍ ΰيونΕΎ تήكي΍ ΰلΎϤء 
ΪكسيϭέΪيϬل΍ϭ،  :ϥوϜفي ΔبتΎث ΔϤقي ϩعلا΍ ΔلΩΎعϤل΍ ء فيΎϤل΍ ΰكيήتέΎΒعت΍ نϜϤلك يάل ΔΠنتي

K [H2O]2 = Kw = [H3O
+
][OH

-
]

or    Kw = [H
+
][OH

-
]

Where the constant Kw is the ion-product constant for water, and by 

using water concentration: 

K (55.5)2 = Kw = 1.008x10-14    at 25°C. 

The approximation at room temperature is Kw ≈ 1.00x10-14.

Kw depending on temperature (i.e. increasing with the increase in 

temperature), for example at (50°C) Kw = 5.47x10-14 and at (100°C) 

Kw = 49.0x10-14. 

The ion-product constant for water permits us to easily find the 

hydronium and hydroxide ion concentrations of aqueous solutions. 

 ΔولϬس ΎϨء يتيح لΎϤϠلأيوني ل΍ صلΎلح΍ بتΎث ΏΎفي حس ΪكسيϭέΪيϬل΍ϭ ϡنيوϭέΪيϬل΍ ΕΎيون΍ ΰكيήت
.ΔئيΎϤل΍ ليلΎحϤل΍

For pure water: 

Kw = [H
+
][OH

-
] =1.00x10-14

[H
+
] = [OH

-
] = √Kw ⇒⇒⇒ [H

+
] = [OH

-
] = 1.00x10-7 M

By taking the logarithm of the ion product equation: 

-log Kw = -log [H
+
][OH

-
]

-log Kw = -log [H
+
] + (-log [OH

-
])

By the definition of p-function (pX= -log [X]): 

pKw = pH + pOH = 14 
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if pH < 7 then the solution is acidic. 

if pH > 7 then the solution is basic. 

If pH = 7 then the solution is neutral. 

Ex. 1 Calculate the hydronium and hydroxide ion concentrations of pure 

water at 25°C and 100°C (at (25°C) Kw = 1.00x10-14 and at (100°C) 

Kw = 49.0x10-14). 

Because OH
-
 and H3O

+
 are formed only from the dissociation of water, 

their concentrations must be equal: 

[H3O
+
] = [OH

-
] 

Kw = [H3O
+
][OH

-
] 

[H3O
+
] = [OH

-] = √Kw      

at 25°C: [H3O
+
] = [OH

-] = √1.00x10-14 = 1.00x10-7   

at 100°C: [H3O
+
] = [OH

-] = √49.0x10-14= 7.00x10-7   

 

Ex. 2 Calculate the pH and pOH values of a solution in which [H3O
+
] is 

0.002 M. 

[H3O
+
] = [H

+
] 

pH = -log [H
+
] = -log (2x10-3) = 2.699 

pH + pOH = 14  ⇒⇒⇒ pOH = 14 - pH  

                                               = 14 - 2.699 = 11.301 
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Applying acid-base dissociation constants: 
ΓΪعΎمض-قΎك حϜبت تف΍يق ثوΒتط 

Calculation of hydronium and hydroxide ions concentrations for 

strong acids and bases and weak acids and bases are illustrated as follow: 

1- Strong acids and strong bases 

The strong acids will completely ionized in their aqueous solution as 

shown in the general equation: 

HA    →   H
+      

+     A
-
 

Therefore [H
+
] = [A

-
] 

Ex. 1 Calculate [H
+
] and pH of 0.01 M HCl solution. 

HCl    →   H
+    

+    Cl
-
 

before ionization                0.01          0.0          0.0  

after ionization                   0.0           0.01        0.01  

[H
+
] = 0.01M 

pH = -log [H
+
] = -log 0.01 = 2.0 

 

Ex. 2 Calculate pH and pOH of 0.15 M H2SO4 solution. 

H2SO4    →   2H
+    

+    SO4
2- 

before ionization             0.15             0.0           0.0  

after ionization                0.0            2x0.15     0.15  

[H
+
] = 2x0.15 M = 0.3M 

pH = -log [H
+
] = -log 0.3 = 0.523 
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pKw = pH + pOH = 14  ⇒⇒    pOH = 14 - 0.523 = 13.477 

The strong bases will completely ionized in their aqueous solution 

and represented by one arrow in the reaction equation. For example: 

NaOH    →   Na
+      

+     OH
-
 

Ca(OH)2 →   Ca2+    
+    2OH

-
 

Ex. Calculate [H
+
] and [OH

-
] in 0.2 M aqueous NaOH solution. 

NaOH    →   Na
+    

+    OH
-
 

before ionization                0.2            0.0            0.0  

after ionization                   0.0            0.2            0.2  

[OH
-
] = 0.2 M 

[H
+
] = Kw  / [OH

-
]  

        = 1.00x10-14/ 0.2 = 5.00x10-14 mole/L 

 

 

Exercise. Calculate pH and pOH of 0.15 M Ca(OH)2  solution. 
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2- Weak acids and weak bases 

The weak acids (as well as weak bases) will partially ionized in their 

aqueous solution and represented by an equilibrium arrow (⇌) in their 

reaction equation, so ionic equilibrium is occurring. 

CH3COOH  +   H2O    ⇌   H3O
+
  +   CH3COO

-
 

 

Ka =     

 

 

a = c . f    for dilute solutions   f = 1, then 

 

Ka =     

 

 

Ka =    , since [H2O] = constant 

 

 

Ka is a ratio between the ionized and unionized parts of the weak acid, 

and called acid ionization constant or acid dissociation constant. Ka is a 

constant only if temperature and pressure are constant. 

In an analogous way, the base dissociation constant for ammonia is: 

    ϰعΪيϭ لضعيف΍ مضΎلح΍ ئب من΍άل΍ ήء غيΰΠل΍ ϰل΍ ئب΍άل΍ ءΰΠل΍ بين ΔΒسϨل΍ لΜϤي Ka  
.بΒΜوέΩ Εج΍ Δلح΍ϭ Γέ΍ήلضغط  ثΎبت تأين ϭ΍ تفϜك ΍لحΎمض ϭهو ثΎبت   

 بطήيΔϘ مΎϤثΔϠ فϥΎ ثΎبت تفϜك ΍لΎϘعΓΪ للأمونيΎ هو: 
 NH3  +   H2O    ⇌   NH4

+
  +   OH

-
 

 

Kb =              ,     since [H2O] = constant 

 

a H3O
+
. a CH3COO

-
 

a CH3COOH . a H2O 

[CH3COOH] [H2O]  

[H3O
+
] [CH3COO

-
] 

    [CH3COOH] 

[H3O
+
] [CH3COO

-
] 

       [NH3] 

[NH4
+
] [OH

-
] 
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Ex. 1 Calculate [H+], pH and pOH of 0.01 M CH3COOH at 25 °C (Ka = 

1.8x10-5) 

CH3COOH     ⇌   H
+
  +   CH3COO

- 

before ionization             0.01                0.0           0.0  

after ionization             0.01- X               X             X  

 

Ka =    = 1.8x10-5 =   

 

 

X in the denominator  ( ) ϡΎϘϤل΍  is small value and hence it neglected 

 

1.8x10-5 =  X2 / 0.01 ⇒⇒⇒ X2 =  √1.8x10-7 

X = [H+] = 4.242x10-4 mole/L 

pH = -log[H+] = -log 4.242x10-4 = 3.372 

pOH = 14 - pH = 14 – 3.372= 10.628 

Ex. 2 Calculate [OH-], pH and pOH of 0.1 M ammonia solution at 25 °C 

(Kb = 1.8x10-5) 

NH4OH     ⇌   NH4
+
  +   OH

- 

before ionization             0.1                0.0           0.0  

after ionization             0.1- X               X             X  

 

Kb =      = 1.8x10-5 = 

 

 

X in the denominator  ( ) ϡΎϘϤل΍  is small value and hence it neglected 

1.8x10-5 =  X2 / 0.1 ⇒⇒⇒ X2 =  √1.8x10-6 

X = [OH-] =1.342x10-3 mole/L 

pOH = -log[OH-] = -log1.342x10-3 = 2.872 

pH = 14 - pOH = 14 – 2.872 = 11.128  

    [CH3COOH]  

[H3O
+
] [CH3COO

-
] (X) (X) 

(0.01 - X) 

[NH4OH] 

[NH4
+
] [OH

-
] (X) (X) 

(0.1 - X) 
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Equilibrium constant for conjugate acid-base pairs: 
ΓΪعΎمض- قΎح ΝϭΩΰϤل ϥ΍ΰلأت΍ بتΎث 

The general relationship for all conjugate acid/base pairs is obtained 

by multiplying one equilibrium-constant expression by the other for the 

pairs. 

Consider the acid dissociation-constant expression for acetic acid and the 

base dissociation constant expression for its conjugate base, acetate ion:  

  

  

 CH3COOH+ H2O ⇌ CH3COO
-
 +H3O

+   
Ka =

   
            

 

 

 CH3COO
-
+ H2O ⇌ CH3COOH + OH

-     
Kb =     

 

 

Ka Kb = x 

but        

  Kw = [H3O
+
] [OH

-
] 

Therefore 

      Kw = Ka Kb   

 

In an analogous way, the base equilibrium constant for conjugate acid-

base pairs of the ammonia is: 

 

 [CH3COOH]  

[CH3COO
-
] [H3O

+
] 

[CH3COO
-
]  

[CH3COOH] [OH
-
] 

[CH3COO
-
] [H3O

+
] 

[CH3COOH]  

[CH3COOH] [OH
-
] 

[CH3COO
-
]   
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 NH3 +  H2O   ⇌   NH4
+
  +  OH

-     
Kb =            

 

 

NH4
+
+  H2O   ⇌   NH3  +  H3O

+     
Ka =     

 

 

Ka Kb = x  

 

but        

  Kw = [H3O
+
] [OH

-
] 

Therefore     

Kw = Ka Kb   

This relationship is general for all conjugate acid/base pairs. 

 

 

 

 

 

 [NH3]  

[NH4
+
] [OH

-
] 

[NH4
+
]  

[NH3] [H3O
+
] 

[NH3] [H3O
+
] 

[NH4
+
]  

[NH4
+
] [OH

-
] 

[NH3]  


