Experiment (1)

Standardization of sodium hydroxide NaOH solution with standard solution of  hydrochloric acid HCl
Preparation of standard solution of Na2CO3 (0.lN):

1- Weigh out accurately 1.325gm of A.R. Na2CO3. 
2- Dissolve in small quantity of distilled water and transfer quantitatively to 250ml measuring flask. 

3- Complete to the mark and shake well. 

4- Calculate the exact normality of  Na2CO3 solution. 
      Weight required = Normality x eq.wt. x volume in liter. 
(I) Determination of the normality of hydrochloric acid by a standard 

solution of sodium carbonate (0.lN).

Theory:
              Sodium carbonate reacts with hydrochloric acid according to the following equation: 
Na2CO3 + 2HCl = 2NaCl + CO2 + H2O
In other words, to neutralize all the carbonate, two equivalent of HCl should be used and as such the equivalent weight of sodium carbonate = M.wt/2 =53 When one equivalent of HCl is added to the carbonate it is transformed into bicarbonates. 

Na2CO3 + HCl = NaHCO3 + NaCl 
ph.ph. 
And the pH of the solution changes form 11.5 (alkaline) to 8.3. When phenolphthalein is used, it changes to colorless at the end of this stage as its color range falls within the same zone. ph.ph (8.3-10). 

When another equivalent of HCl is added to the solution of bicarbonate, complete neutralization takes place and it is transformed into sodium chloride and CO2 gas is evolved. 
               NaHCO3 + HCl = NaCl + H2O + CO2 
M.O.
The pH of solution changes from 8.3 to 3.8, which is near enough to the color range of M.O. (3.1-4.4). If methyl is used at this stage, the color of the solution changes from yellow to red. It thus follows that ph.ph. is used in the neutralization of HCl with sodium carbonate, the volume of acid used will be equivalent to half of the carbonate, when methyl orange is used in this titration the volume of acid used will be equivalent to all carbonate. Methyl orange is generally used in this as ph.ph. is sensitive to carbon dioxide. 
Materials:
     Sodium carbonate solution (standard). 

      HCl solution of unknown normality. 
Procedure:
1- Transfer 10 ml of the sodium carbonate solution with a pipette to a      conical flask then add one or two drops of M.O. to this solution. 
2- Add the acid (HCl) from the burette gradually with continuous stirring of the solution in the conical flask, and near the end point, the acid is added drop by drop. Continue the addition of the acid till the color of the solution passes from yellow to orange. 
3- Repeat the experiment three times and tabulate your results then take the mean of the three readings. 
4- Repeat the experiment using ph.ph. which changes its color from red to the colorless at the end point. Compare the results in this case with those in the case of M.O.

Calculations:
· In case of M.O. 
      Suppose that the volume of HCl is V1 and its normality is N1 while V2 is   the volume taken from sodium carbonate and N2 is its normality. 
The volume of HCl (from burette) ≡ all carbonate = V1 

                           N1 V1(HCl) = N2 V2(Na2CO3) 
            Or           N1= N2 V2/V1 
· In case of ph.ph. 
       The volume of HCl (from burette) ≡ 1/2 carbonate 

       The volume of HCl ≡ all carbonate = 2V1 
                            N12V1 = N2 V2 
                  Or           N1 = N2 V2 / 2V1
And as the strength in gm/L = normality x eq. wt. 
Strength of HCI = N1 x 36.5   g/L 
(II) Determination of the strength and normality of sodium hydroxide solution by a standard solution of hydrochloric acid
Theory:
             HCl reacts with sodium hydroxide according to the following equation:
HCl+ NaOH = NaCl + H2O
The eq.wt. of both the HCl and NaOH is equal to their molecular weights and so both the acid and alkaline are strong, any indicator may be used. 

Materials:
    HCl solution (standard). 
    NaOH solution of unknown normality. 

Procedure:
a- Prepartion of sodium hydroxide solution: 
1- Weigh about 4.0 gm of A.R. NaOH. 
2- Dissolve in small volume of distilled water and transfer to one-liter measuring flask. 
3- Complete to the mark with distilled water, place the stopper on the bottle and thoroughly mix the solution by shaking the bottle. 
b- Standardization of the resulting NaOn solution: 
1- Transfer with a pipette 10 ml of  NaOH solution to a conical flask then add one or two drops of M.O., add the standard HCl solution from the burette till the end point. (the color changes from yellow to reddish orange) 
2- Repeat the experiment three times and tabulate your results. 
3- Repeat the experiment using ph.ph. and Compare the result with those obtained With M.O. 

Calculations:
In both cases of M.O. and ph.ph. 

use the relation :
N1V1(HCl) = N2 V2(NaOH) 
In order to deduce the normality of NaOH 

 Strength of NaOH = N2 x 40 (eq.wt.) =     g/L. 
Experiment (2)
(a)An analysis of a mixture of Na2CO3 and NaOH using two indicators and a standard HCl solution
Theory:
1- When a known volume of the mixture is titrated with HCl in presence of 
 ph. ph., the acid reacts with all the sodium hydroxide and with only half 

of the carbonate. 
                       V1 = all hydroxide + 1/2 the carbonate 
2- When a known volume of the mixture is titrated with HCl in presence of M.O., the acid reacts with all the hydroxide and all the carbonate. 
                       V2 = all hydroxide + all carbonate 
                      Volume of  HCl = 1/2 carbonate = V2 – V1 = V ml 
                      Volume of HCl = all carbonate = 2V ml 
                      Volume of HCl = NaOH = V2 - 2V ml      
Procedure 1:
1- Transfer with a pipette 10 ml of the mixture to a conical flask, and add one or two drops of ph. ph. 
2- Add the acid from the burette till the solution becomes colorless.

3- Repeat the experiment twice or three times and tabulate your results.
· The volume of acid in the case is V1 and is equivalent to all the hydroxide and half the carbonate. 

4- Repeat the experiment with methyl orange until the color of the solution is changed to faint red.

5- Repeat the experiment twice or three times and tabulate your results.

· The volume of acid in the case is V2 and is equivalent to all the hydroxide and all the carbonate.
6- Calculate the strength of the sodium hydroxide and the sodium carbonate in the mixture.
Calculations1:
· In the case of Na2CO3: 

      N1 x 2V = N (Na2CO3) x 10 
 

Strength Na2CO3 = N (Na2CO3) x 53    
g/L 

· In the case of NaOH: 
N1 x (V2 - 2V) = N (NaOH) x 10

Strength NaOH =N (NaOH) x 40 
g/L
Procedure 2:
1- Transfer with a pipette 10 ml of the mixture to a conical flask, and add one or two drops of ph. ph. 
2- Add the acid from the burette till the solution becomes colorless.

· The volume of acid in the case is V1 and is equivalent to all the hydroxide and half the carbonate. 
3- Then add two drops of methyl orange to the same conical flask and continue titration to the faint red color or the orange color.
·  The volume of acid in the case is V2 and is equivalent to the second half of carbonate.
3- Repeat the experiment three times and tabulate your results.
4- Calculate the strength of the sodium hydroxide and the sodium carbonate in the mixture.

Calculations2:
· In the case of Na2CO3: 

      N1 x 2V2 = N (Na2CO3) x 10 
 

Strength Na2CO3 = N (Na2CO3) x 53    
g/L 

· In the case of NaOH: 
N1 x (V1 - V2) = N (NaOH) x 10

Strength NaOH =N (NaOH) x 40 
g/L
Experiment (3)

(a) Determination of acetic acid in vinegar
Introduction:
      Acetic acid is a weak acid having a Ka of 1.76 x 10-5. It is widely used in industrial chemistry as acetic acid (it has a specific gravity of 1.053 and is 99.8% w/w) or in solution of varying concentration. In the food industry it is used as vinegar, a dilute solution of glacial acetic acid. The stochiometry of the titration is given by: 

CH3COOH + NaOH  → CH3COONa + H2O 
Procedure:
a- Preparation and standardization of a 0.1 N sodium hydroxide solution: 
This was described Previously. 
b- Titration of the acid with standard sodium hydroxide: 
1- A 10 ml aliquot of vinegar is carefully pipette into a 100 ml volumetric flask and diluted to volume with water. 
2- 2 ml aliquot is removed from the flask by a pipette and transferred to a 
          250 ml conical flask. 
 
3- Approximately 40 ml of water and a few drops of ph.ph are added. 
4- The mixture is titrated with the standard NaOH solution until a faint 
  pink color of indicator persists. 
5- Calculate the normality of the vinegar and the gm of acetic acid per ml.

Calculations:
N1 V1 (base) = N2 V2 (acid) 

0.1 x V1 = N2 X 2 ( volume of vinegar titrated) 
Concentration of acetic acid = N2 x 60 (eq.wt.) = z g/L = z / 1000 g/ml 
Experiment (3)

 (b) Analysis of a commercial sample of phosphoric acid
Determination of the % of H3PO4 in a commercial orthophosphoric acid
Theory:
         Phosphoric acid is a tri-basic acid; it dissociates in solution in three  stages: 
  H3PO4  ↔  H+ + H2P[image: image2.png]


      pH = 4.6 (methyl orange), eq.wt. = M. wt.
 H2PO4- ↔  H+ + HP[image: image4.png]


      pH = 9.7 (phenolphthalein), eq.wt. = M.wt./2

HPO4=  ↔  H+ + P[image: image6.png]


          pH= 12.6 
     The process of neutralization may take place in three stages where each has a separate end point. Every such end point is characterized by a certain pH value. 
· The first end point pH = 4.6           (methyl orange range)

· The second end point pH = 9.7      (phenolphthalein range) 
· The third end point pH = 12.6       (No indicator could be used) 
Accordingly, phosphoric acid can be titrated to the first stage using methyl orange or to the second stage using phenolphthalein as indicator. 
Materials:
A sample of commercial phosphoric acid

Sodium hydroxide solution 0.1N 
Procedure:
1. Weigh out accurately about 2 gm of commercial phosphoric acid in a small weighing bottle. 
2. Transfer the weighed sample quantitatively to a 250 ml measuring flask with distilled water and complete to the mark, then shake the solution carefully to get thorough mixing. 
3. Transfer 10 ml, with the aid of a pipette, to a conical flask. Then titrate with 0.1N NaOH solution in presence: of  M.O. 
4. Repeat the experiment several times and tabulate your results. In this case 1 mole of H3PO4 reacts with 1 mole of NaOH. Accordingly, the equivalent  weight of H3PO4 equals the molecular weight. 
5. ln another experiment, titrate 10 ml of phosphoric acid solution using   ph.ph. In this case 1 mole of H3PO4 reacts with 2 moles of NaOH and the equivalent weight of the acid equals M.wt /2 .
Calculations:
· In case of M.O. 
    1 ml 0.1N NaOH = [image: image8.png]0.1 %98 (eqwt.HzPO,)
1000



 = 0.0098 g H3PO4
    wt. Of H3PO4 in sample =[image: image10.png]V(NaOH)x0.0098 x250
10



  = y g

     % H3PO4 =  [image: image12.png]y X100





    where W is the weight of sample.
· In case of ph.ph.
1 ml 0.1N NaOH = [image: image14.png]0.1x98/2 (eqwt.H3 PO,)
1000



 = 0.0049 g H3PO4
wt. Of H3PO4 in sample =[image: image16.png]V(NaOH)x0.0049 x250
10



  = z g

% H3PO4 =  [image: image18.png]z X100





Experiment (4)

Oxidation reduction reaction
1. Redox reactions are those reactions which involves change in the oxidation number or transfer of electrons between reactants. 
2. Oxidation is a process which involves loss of electrons. 
Fe2+  -  e = Fe+++
It is a process in which an atom or an ion may lose one or more electrons. 
3. Reduction is a process in which electrons are gained. 
Cl2  +  2e =  2Cl-
It is a process in which an atom or an ion may gain one or more  electrons. 
4. The equivalent weight of an oxidizing agent (oxidant) or reducing agent (reductant) is equal to its molecular weight divided by the number of electrons lost or gained by this substance during the reaction: 
Mn[image: image20.png]


 +8H+ +5e  = Mn2+ +4H2O

The eq.wt. = [image: image22.png]MnOy




 = [image: image24.png]KMn O,





Cr2[image: image26.png]


 + 6e + 14H+ = 2Cr3+ +7H2O
The eq.wt. = [image: image28.png]


 = [image: image30.png]K;Cr; 07




5. Indicators in oxidation - reduction reaction: 
Potassium permanganate may act as a self  indicator as it has a distinct purple color and becomes colorless on reduction. In the case of potassium dichromate an indicator must be used for the determination of the end point which may be an internal or an external indicator. The types of indicators used may be as follows: 
Self indicator - Internal indicator - External Indicator

(I)Standardization of potassium permanganate with oxalic acid:
Theory:

 
Oxalic acid is oxidized by potassium permanganate , in acid solution to 
carbon dioxide and water. 

 
2KMnO4 +3H2S04 + 5H2C2O4 = 2MnSO4 + K2SO4 + 10CO2 + 8H2O
The reaction is complete at a temperature of about 60-90°C

[image: image32.png]C,0;?



  →  2CO2 + 2e-
eq.wt. of oxalic acid  = [image: image34.png]Mwt.




= 63 
Oxidation with potassium permanganate: 
KMnO4 is a strong oxidizing agent in acid medium 
2KMnO4 + 3H2SO4 = K2SO4+ 2MnSO4 + 3H2O+5O
HCl, could not be used instead of  H2SO4 as it is readily oxidized to chlorine in presence of permanganate. 
2KMnO4 + 16HCI = 2KCl + 2MnCl2 + 5Cl2 +8H2O
Nitric acid is stronger than KMnO4 
In strong alkaline medium, heptavalent manganese is reduced as follows: 
2KMnO4 = K2O + 2MnO2 + 3O
And the eq.wt.  in alkaline sol.=1/3 the molecular weight. The formed manganese dioxide which is black in color may mask the end point in alkaline medium. KMnO4, however is not a primary standard as it is difficult to obtain in a purified state due to the fact that it is always contaminated with manganese dioxide. 
4Mn[image: image36.png]


 + 2H2O → 4MnO2 + 3O2 + 4OH-
Materials:
Oxalic acid solution 0.lN. 
Dilute sulphuric acid 2N. 
Potassium permanganate solution of unknown normality. 
Procedure:
1- Transfer 10 ml of oxalic acid solution to the conical flask and add equivalent amount (10 ml) of dilute sulphuric acid (2N). 

2- Warm the solution gently until the temp. of the solution reaches 60-80°C then add the permanganate solution slowly from the burette till the solution acquires a light rose color. Keep the solution hot during the titration. If a brown ppt is formed during the titration, this may be due to one of the following reasons: 
a. The temp. of the solution may be below 60°C. 
b. The addition of permanganate solution was carried out rapidly. 
c. The amount of sulphuric acid is insufficient. 
3- Repeat the experiment three times and take the mean value of your reading.
Calculations:
meq. of oxalic acid = meq. of permanganate at the end point.  
N x V (oxalic acid) = N' x V' (KMnO4)
From this relation deduce the normality of KMnO4 
Strength of KMnO4 = N' x eq. wt. KMnO4 
gm/L 
(II) Analysis of a mixture of oxalic acid and sodium oxalate
Theory:
The strength of oxalic acid is determined by titration with NaOH solution 
and the amount of oxalate ions is determined by titration with potassium permanganate.
Materials:
Potassium permanganate solution 0.1N 
Sodium hydroxide solution 0.1N 
A mixture of oxalic acid and sodium oxalate solution of unknown strength Dilute sulphuric acid (2N)

Procedure:
1- Transfer 10mL of the mixture to a conical flask, dilute with distilled water (about 5 ml), and add two drops of ph.ph. and titrate against sodium hydroxide solution. Calculate the strength of oxalic acid in solution in gm/L. 
2- Transfer 10 ml of the mixture to a conical flask, add an equal amount of dilute sulfuric acid, heat to 60-90 °C then titrate against permanganate solution till pale rose in color. 
Calculation:  
a- If the normality of NaOH and KMnO4 are identical  
In the first titration: 
Suppose that V1 ml of 0.1N NaOH solution was taken in the titration and as the normality of both NaOH and permanganate solution are identical :
V1 ml of 0.1N NaOH ≡ oxalic acid in the solution ≡V1 ml of 0.1 N KMnO4  
From the relation:
N1 x V1 (NaOH) = N2 x V2 (oxalic acid)
We can deduce the normality of oxalic acid and calculate its strength in g/L. 
In the second titration: 
Suppose that V2 ml of 0.1N KMnO4 was used up in the titration of the total oxalate. 
Volume of  KMn04 ≡ sodium oxalate = V2 – V1 = V3 ml

and from the relation:  
N x V3(KMnO4) = N' x V' (sod. Oxalate)
We can deduce the normality of sodium oxlate and from the relation: 
strength = N x eq. wt.   g/L
we can deduce the strength of sodium oxalate.
b-If the normalities of NaOH and KMnO4 are not identical: 
At end point: 
meq of oxalic acid ≡ meq of NaOH = V1 x N (NaOH) 
(1) 

N x V = V1 x N1 


[image: image38.png]wt.of oxalic acid

eqwt.of oxalic acid



= N1 x V1 (NaOH)
[image: image39.png]N, V;(NaOH) X eq.wt. of oxalic acid

-wt.of oxalicacid = 4

=yg/10ml




( Strength of oxalic acid = [image: image41.png]< % 1000
10



= Z   g /L

meq of oxalic acid + meq of sodium oxalate = meq of KMnO4 
                                                                      = N2 X V2 (KMnO4)                 (2)
( meq of sodium oxalate only = 2 – 1 
 [image: image43.png](2-1)xeqwt.of sodium oxalate

-wt.of sodium oxalate =
T000

=yg/10m





( Strength of Sodium oxalate= [image: image45.png]< % 1000
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= Z  g/ L 
Experiment (5)
Iodimetry and iodometry
 (I) Standardization of sodium thiosulphate solution with potassium iodate:

Theory:
   
potassium iodide reacts in acid medium with potassium iodate with the liberation of Iodine: 

KIO3 + 3H2SO4 + 5KI → 3K2SO4 + 3I2 ↑ + 3H2O

2Na2S2O3 + I2 → Na2S4O6 + 2NaI

Procedure:

1- Transfer 10 ml of 0.1 N potassium iodate solution to a conical flask. 

2- Add 1 gm of potassium iodide then add 2 ml of dilute sulphuric acid. 

3- Dilute the solution with distilled water then titrate the liberated iodine  against sodium thiosulphate solution till the color becomes pale yellow.

4- Add 1 ml of starch solution and continue titration with thiosulphate 

          solution till the color change from blue to colorless. 

Calculation:

       Equivalent weight of  Na2S2O3.5H2O = M. wt. 

      Calculate normality from the relation: 

N1 . V1 (Na2S2O3)  = N2 . V2 (KIO3)

(II) Determination of copper in copper sulphate (CuSO4.5H2O)
Theory:
Copper sulphate reacts with potassium iodide according to the following equation: 
2CuSO4 + 4KI → Cu2I2 + I2↑ + 2K2SO4
                               2Na2S2O3 + I2 → Na2S4O6 + 2NaI
   i.e.                       2CuSO4 ≡  I2 ≡ 2Na2S2O3
The equivalent weight of copper sulphate = M. wt.
The equivalent weight of copper = atomic wt. = 63.5 
Procedure:

1- Transfer 10 ml of copper sulphate solution to a conical flask, and then add 10 ml of potassium iodide solution (10%). 

2- Titrate the liberated iodine with 0.1N thiosulphate solution till the color becomes pale yellow. 

3- Add 1 ml of starch solution and continue adding the thiosulphate solution till the blue color is discharged (a white ppt. of cuprous iodide remains). 

4- Repeat the experiment twice. 

Calculation:

1 ml 0.1N Na2S2O3 solution ≡ [image: image47.png]0.1 X63.5
1000



≡ 0.00635 gm Cu 

wt. of Cu = V(S2[image: image49.png]


) x 0.00635 gm / 10 ml 
or: 

N . V (S2[image: image51.png]


) = N . V (Cu) 

N . V (S2[image: image53.png]


)  = [image: image55.png]wt.of Cu

eqwt



x 1000 

(wt. of Cu (gm) = [image: image57.png]N.V(5,037)xeqwt.
1000




Experiment (6)
Complexometric Titration using EDTA
(I)Preparation and Standardization of EDTA Solution

EDTA solutions are usually prepared by weighing the dehydrated disodium salt of ethylene diamine tetra acetic acid. 
Preparation of 0.1M Solution of EDTA :
Dissolve 37.225 gm of analytical reagent (A.R.) disodium dihydrogen ethylene diamine tetra acetate dihydrate in water and dilute to one liter. 
Metal ion indicators used in these titrations: 
The requisites of a metal ion indicator for use in the visual detection of end points include: 
1- The color detection must be such that before the end point when nearly  

     all the metal ion is complexed with EDTA, the solution is strongly 
     colored. 
2- The color reaction should be specific or at least selective .
3- The metal-indicator complex must be less stable than the metal -EDTA 
     complex to ensure that at the end point, EDT A removes metal ions from 
     the metal indicator complex. The change in equilibrium from the metal 
     indicator complex to metal EDTA complex should be sharp and rapid. 
4- The color contrast between then free indicator and the metal indicator  complex should be such as to be readily observed. 
5- The indicator must be very sensitive to metal ions so that the color change      occurs as near to the equivalence point as possible. 
Preparation of buffer (pH = 10) :
Put 142 m1 of concentrated ammonia solution + 17.5 gm of A.R. NH4Cl and dilute to 250 m1 with distilled water. 
Preparation of standard 0.01 M MgSO4 .7 H2O :
Dissolve 2.4632 gm in one liter .
Preparation of 0.01 M EDTA solution :
Dissolve 3.7225 gm in one liter . 
Standardization of EDTA solution against MgSO4 .7H2O
Procedure:
1- Pipette 10 m1 of the MgSO4 solution into a 250 ml conical flask, then add 50-60 ml of distilled H2O and 3 ml of buffer (pH=10) .
2- Add about 3 or 4 pieces of Eriochrome black T indicator and titrate with the EDTA solution until the wine red color changes to clear blue. 
Calculations:
Calculate the molarity of EDTA 
           M .V (MgSO4)= M' .V' (EDTA) 
0.01 x 10 = M' .V' (Volume taken from burette) 

(II) Determination of ferric iron with EDTA
Theory:
Salicylic acid and ferric ions form a deep-colored complex with a maximum absorption (λmax) at about 525 nm; this complex is used as the basis for the photometric titration of  ferric ion with standard EDTA solution. At a pH of  2.4 the EDTA-iron complex is much more stable (higher formation constant) than the iron-salicylic acid complex. In the titration of an iron-salicylic acid solution with EDTA the iron-salicylic acid color will therefore gradually disappear as the end point is approached. 
 Reagents:
1- EDTA solution 0.1 M .

2- Ferric iron solution 0.05 M ( Dissolve about 12.0gm, accurately weighed, of A.R. ferric chloride in water to which a little dilute H2SO4 is added, and dilute the resulting solution to 500ml in a volumetric flask). 
3- Sodium acetate-acetic acid buffer ( Prepare a solution which is 0.2 M in sodium acetate and 0.8 M in acetic acid. The pH is 4.0) .
4- Salicylic acid solution (Prepare a 6% solution of A.R. salicylic acid in A.R. acetone). 
Procedure:
1- Transfer 10 ml of ferric iron solution to the conical Flask, add about 10 ml of the buffer solution of pH = 4 and about 120 ml of dist. H2O. 
2- Add 1.0 ml of salicylic acid solution. 
3- Add the EDTA solution slowly until the color will decrease, then introduce the EDTA solution in 0.1 ml aliquots until the color disappear. 
4- Calculate the concentration of Ferric iron. 
Calculations:
           M .V (EDTA)= M' .V' (Fe+3) 
                     wt. of  Fe+3 =[image: image59.png]M.V(EDTA)xatm.wt Fe™*>
1000



 =   gm/10ml

Experiment (7)
(I)Determination of the total hardness of water using Eriochrorme black T
The total hardness of water is generally due to dissolved calcium and magnesium salts. 
Procedure:
1- To 25 ml of the sample of water, add 2 ml of the buffer (pH = 10). 
2- Add 3-4 pieces of Eriochrome black T indicator. 
3- Titrate with standard 0.01M EDTA solution until the color changes from grape red to pure blue. 
4- Calculate the total hardness of the sample of water in parts of CaCO3 per million of water. (ppm) 
Note:  Hardness of water is usually expressed in terms of the equivalence amount of CaCO3 
Calculations:
At end point: millimole CaCO3 = millimole EDTA 
                                                           = M(EDTA) x V(EDTA) 
wt. of CaCO3 = M(EDTA) x V(EDTA) x (M.wt. of CaCO3) =y mg/25ml
(Total hardness = y x 1000/25 = z mg/L = z ppm 
OR: 
M . V (EDTA) = M' . V' (CaCO3)

        (Total hardness  = M' x M.wt. of CaCO3 = y g/L

                         = y x 1000 = z mg/L = z ppm 
OR: 
1 ml of 0.01M EDTA = (0.01 x 100 x 1000)/1000 = 1 mg CaCO3
         (Total hardness = (1 x V (EDTA) x 1000) /25 = z mg/L 
                                                                                    = z ppm 
(II) Determination of nickel with EDTA
Theory:
EDTA complexes with nickel can be used to estimate it. The complex is formed rather slowly and there are two methods for determining this ion. The direct method ;  using murexide and the indirect method ; using Eriochrome Black T.
Indirect Method: 

Procedure:
1- Pipette 10 ml of the Ni+2 solution in to a conical flask. 
2- Add 25 ml of EDTA (0.01M) from the burette. 
3- Add 3 ml of  the buffer solution  (pH=10)  and 3 drops of  Eriochrome Black T. 
4- Titrate rapidly with standard 0.01 M MgSO4 solution until the color changes from blue to wine-red. 
5- Calculate the concentration of Ni+2 .
Calculations:
      Volume of 0.01M EDTA added = 25 ml

      Suppose that the volume of 0.01M MgSO4 taken n the titration = V1 ml

     Excess 0.01M EDTA ≡ V1 ml 0.01M MgSO4
    Volume of EDTA reacted with Ni+2 = 25 – V1 ml

   wt. of Ni+2 = [image: image61.png]M.V(EDTA)xatm.wt .Ni*2
1000




                    = [image: image63.png]0.01x(25-Vy)xatmwt.Ni*?
1000



=   gm /10ml
Experiment (8)
Precipitation reaction

Standardization of Silver Nitrate against Sodium Chloride
(I) By the use of potassium chromate as indicator (Mohr's method): 
Theory:
This method depends on the formation of a colored ppt. K2CrO4 is used as an indicator and when AgNO3 is added to a solution which contains chloride ion a white ppt. of  AgCl  is formed as it is less soluble than Ag2CrO4 and at the end point, when all the chloride ions are consumed, the excess of silver nitrate solution react with chromate ion to give red or light brown Ag2CrO4 ppt. 
                                             Ag+ + Cl- → AgCl
2Ag+ + Cr[image: image65.png]


→ Ag2CrO4
This method is used only in case of neutral solutions as silver chromate is 
soluble in acids; and in alkaline solutions silver hydroxide precipitates before 
silver chromate which gives erroneous result in both cases. 
Procedure:
1- Transfer 10 ml of NaCl solution to the conical flask and dilute with dist. H2O to about 50 ml then add about 4 drops of K2CrO4 indicator. 
2- Add silver nitrate gradually from the burette with continuous shaking (a white ppt. of AgCl and red ppt. of silver chromate are formed). 
3- Continue shaking to coagulate the ppt. and to discharge the red color. 
4- Near the end point, the discharge of  the red color  will be slow and at the end point one drop will impart a light brownish red color to the solution which will not be discharged by further shaking. 
5- Repeat the experiment once more. 
 (II) By the use of adsorption indicators (Fajan's method): 
Theory:
This method involves the use of adsorption indicators such indicators are organic dyes which may be readily adsorped on the ppt. at the end point, thus imparting to it a characteristic color.  Flourescein, is one of these indicators and if it is added in the titration of silver nitrate against sodium chloride, the formed silver chloride will remain white in color till the end point is reached where it adsorps flourescein and acquire a slight pink color. It is thus clear that at the end point, the change in color will take place at the surface of the ppt. and not in the solution. 
Adsorption will only take place at the end point where the indicator ions are charged differently from the charge of the ppt..The color of the indicator is different on adsorption than its color in its free state in solution. 
Procedure:
1- Transfer 10 ml of NaCl solution to the conical flask then add 10 drops of flourescein indiccltor. 
2- Titrate against silver nitrate solution with continuous shaking till the AgCl ppt. is colored pink. 
3- Repeat the experiment twice. 

Calculation:

           N1 . V1 (NaCl) = N2 . V2 (AgNO3) 

           Strength = N2 . eq.wt. =   gm/L 
Experiment (9)
(I)Standardization of Potassium Thiocyanate against Silver Nitrate
(Volhard's method)
Theory:
This method depends on the formation of a soluble colored compound and may be used for the estimation of chloride in acid medium. Ferric alum is used as an indicator and the addition of potassium thiocyanate to silver nitrate gives first a white ppt. of silver thiocyanate. 
Ag+ + CNS- → AgCNS
At the end point, when all the silver ions are consumed the slight excess of the thiocyanate reacts with ferric ions (from Ferric alum) to form a soluble red compound of ferric thiocyanate. 
Fe3+ + 6CN - → [Fe(CNS)6]3-
Procedure:
1- Transfer 25 ml of silver nitrate solution (0.1 N) to a conical flask and add 5 m1 of dilute nitric acid (6 N) then add 1 ml of ferric alum indicator. 
2- Add potassium thiocyanate solution from the burette till a brownish red color is obtained, this red color is rapidly discharged by shaking but near the end point the ppt. coagulates and at the end point the color remains. 
3- Repeat the experiment. 

Calculation:

           N . V (AgNO3) =  N . V (KSCN) 
(II) Determination of Chloride by Volhard's Method
 (Determination of the Purity of NaCl)
Theory:
The method involves the addition of a known excess of silver nitrate solution to the chloride solution and the excess is back titrated with a standard solution of potassium thiocyanate or ammonium thiocyanate in acid medium and in the presence of ferric alum as an indicator. It is recommended to filter the precipitated silver chloride as it may react with the less soluble silver thiocyanate. However, the titration may be continued in the presence of silver chloride if the solution is boiled to coagulate the ppt. and minimize its activity or by adding nitrobenzene which coats the silver chloride particles with a thin layer of oil which prevents its reaction with the added thiocyanate . 
Procedure:
1- A known weight of the commercial sample (W gm) is dissolved in a 
          known volume of distilled H2O in a measuring flask. 
          (3gm NaCl→500 ml) 
2- Transfer 10ml into a conical flask containing 2 ml 6N HN03 . 
3- Add a slight excess of standard 0.1 N AgNO3 (15 ml) from a burette. 
4- Then add 2ml of pure nitrobenzene and 0.5ml of the ferric alum indicator and shake vigorously to coagulate the ppt. 
5- Titrate the residual AgNO3 with standard 0.1 N thiocyanate until a permanent faint reddish brown color appears. 
6- Repeat the experiment. 
Calculation:
If the normalities of AgNO3 and KSCN are identical: 
Volume of 0.lN AgNO3 added = 15 ml 
Suppose that the volume of KSCN taken in the titration = V1 ml 
V1 m1 KSCN ≡ excess 0.1 N AgNO3 
Volume of AgNO3 reacted with chloride = 15 – V1 m1 
1 m1 of 0.1 N AgNO3 = [image: image67.png]0.1X58.5
1000



 = 0.00585 gm NaCl 
wt. of  NaCl in the sample = [image: image69.png]0.00585 x(15-V;)x500 _
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Agm 
% purity of NaCl= [image: image71.png]A X100





If the normalities of AgNO3 and KSCN are not identical: 
meq KSCN = meq excess AgNO3 (unreacted) 
                   = N . V (KSCN) = Y meq 
Total meq AgNO3 added = N . V (AgNO3) = Z meq 
meq reacted AgNO3 = meq NaCl = Z - Y = H meq 
wt. of NaCl in the sample [image: image73.png]H X58.5 X500

1000 X10



= K gm 
 
% purity of NaCl = [image: image75.png]K X100




Where W is the weight of sample.

Technique of gravimetric analysis

The operation of gravimetric analysis may be summarized under the headings:

a) Precipitation.          b) filtration.              c) the washing of the ppt .

d) the drying, ignition and weighing of the ppt.     e) the calculations.
Precipitation:

Precipitations are usually carried out in resistance-glass beakers, and the solution of the precipitant is added slowly (by means of a pipette, burette or tap funnel) and with efficient stirring of the suitably diluted solution. The addition must always be made without splashing, this is the best achieved by allowing the solution of the reagent to flow down the side of the beaker or precipitating vessel. Only a moderate excess of the reagent is generally required, a very large excess may lead to increasing solubility or contamination of the ppt. After the ppt has settled a few drops of the precipitant should always  be added to determine whether further precipitation occurs. As a general rule, precipitates are not filtered off immediately after they have been formed , most ppt, with the exception of those which are definitely colloidal , such as ferric hydroxide, require more or less digestion to complete the precipitation and make all particles of filterable size.

The purity of the precipitate: 

When ppt separates from a solution, it is not always perfectly pure. It may contain varying amounts of impurities dependent upon the nature of  the ppt and the conditions of precipitation. The contamination of the ppt by substances which are normally soluble in the mother liquor is called co-precipitatin.

Digestion:


It is usually carried out by allowing the ppt to stand for 12-24 hours at room temperature, or sometimes by warming the ppt for some time in contact with the liquid from which it was formed : the object is, of course to obtain complete precipitation in a form which can be readily filtered.

Crucibles fitted with permanent porous plates:


These possess an advantage over Gooch crucibles in so far that no preparation of a filter-mat is necessary. The best known are the sintered-glass crucibles.


The advantages of sintered-glass crucibles are:

1- They are made entirely of glass, which is resistant to most chemical reagents with the exception of  hydrofluoric acid and hot, concentrated alkalis.

2- They can by dried to constant weight at 100-150°C .

3- They are readily cleaned.

4- It is ideal for work requiring temperature less than about 300°C .
Experiment (11)

Determination of calcium as oxalate
Theory : 

· The calcium is precipitated as calcium oxalate CaC2O4 . H2O by treating a hot hydrochloric acid solution with ammonium oxalate and slowly neutralising with aqueous ammonia solution: 

Ca++  + C2[image: image77.png]


  + H2O → CaC2O4 . H2O
· The ptt. is washed with dilute ammonium oxalate solution and the weighed in one of the following forms: 

(i) As CaC2O4 . H2O by drying at 100 - 105 °C for 1 - 2 hours. 

This method is not recommended for accurate work because of the hygroscopic nature of the oxalate and the difficulty of removing the coprecipitate ammonium oxalate at this low temp. 

(ii) As CaCO3 by heating at 475· - 525 °C in an electric muffle furnace.

This is the most satisfactory method since calcium carbonate is non-                 hygroscopic. 

CaC2O4 . H2O → CaCO3 + CO + H2O
(iii) As CaO by igniting at 1200°C . 

This method is widely used but the resulting lime has a comparatively  small molecular weight and is hygroscopic , precautions must therefore be taken to prevent absorption of moisture and CO2.

CaCO3 → CaO + CO2
· The solubility of calcium oxalate is less in neutral solutions containing moderate concentrations of ammonium oxalate owing to the common ion effect , hence a dilute solution of ammonium oxalate is employed as the wash liquid in the gravimetric determination. Calcium oxalate being the salt of a weak acid . its solubility increases with increasing hydrogen ion concentration of the solution because of the removal of the oxalate ions to form bi-oxalate ions and oxalic acid:

                                    CaC2O4 → Ca++  + C2[image: image79.png]



C2[image: image81.png]


  +  H+  → HC2[image: image83.png]



HC2[image: image85.png]


  +  H+  → H2C2O4
Calculation shows that precipitation is quantitative at pH of 4 or higher.

· Precipitation from cold neutral or ammoniacal solution yields a very finely divide ppt which is difficult to filter. Satisfactory results are obtained by adding ammonium oxalate to a hot acidic solution of the calcium salt and finally neutralizing with aqueous ammonia solution. The ptt formed after digesting for about 1 hour , consists of relatively coarse crystals which are readily filtered.

Procedure: 

1- Weigh out accurately 0.5g of A.R. calcium carbonate ( which has been finely powdered and dried at 110-130°C for 1 hour ) into a 400 ml beaker.

2- Add 10 ml of water followed by about 15 ml dilute HCl (1:1).

3- Heat the covered mixture until the solid has dissolved and boil gently for several minutes in order to expel CO2.

4- Rinse down the sides of the beaker and the cover , dilute to 200 ml then add 2 drops of methyl red indicator.

5- Heat the solution to boiling and add very slowly 50ml of a warm 4% ammonium oxalate solution.

6- Add to the resultant hot solution (about 80°C) dilute ammonia solution (1:1) drop wise and with stirring until the mixture is neutral or faintly alkaline (color change from red to yellow).

7- Allow the solution to stand without further heating for at least an hour.

8- After the ptt has settled test the solution for complete precipitation with a few drops of ammonium oxalate solution.

9- Decant the clear supernatant liquid through a Whatman No. 40 filter paper , transfer the ptt to the paper and wash with a cold 0.1-0.2% ammonium oxalate solution until free from chloride.

10- Transfer the paper to a weighed crucible, dry in an oven for half one hour , burn away the paper with the crucible covered and then ignite at 500°C for 30 min., cool and weigh.

11- Calculate the percentage of calcium in the sample.

Experiment (12)
Determination of Lead as Chromate
Theory:

The lead is precipitated as lead chromate by treating a hot acidic solution of lead salt with potassium chromate solution. 

Pb(NO3)2 + K2CrO4 → PbCrO4 + 2KNO3
Procedure: 

1- Weigh out 0.3 gm of the Lead Nitrate and dissolve it in 150 ml of distilled water. 

2- Add two drops of conc. acetic acid to the solution until it is distinctly acidic [use litmus paper]. 

3- Heat to boiling then add from a pipette 10ml of 4% potassium chromate solution. 

4- Boil gently for 5- 10 minutes [or until the precipitate settles], the supernatant liquid must be colored slightly yellow. 
5- Filter through a clean and weighed sintered glass crucible. 

6- Wash thoroughly with hot water. 

7- Dry at 120° C to constant weight. 

8- Weigh as PbCrO4, and calculate the weight of Pb in the sample. 
Calculation:

PbCrO4 ------- Pb 


323              207 

1 gm ------------ X 
Gravimetric factor of Pb in PbCrO4 = 207/323 = 0.64 gm 
% Pb   = [image: image87.png]wt.of ptt.

wt.of sample



x 0.64 x 100 

Experiment (13)

Determination of the water of hydration in crystallized

 barium chloride (BaCl2)

Theory : 


Barium chloride dehydrate losses all its water of crystallization above 100°C . Much higher temp. up to (800-900°C) can be used in this dehydration, for anhydrous BaCl2 is non-volatile and stable even at fairly high temp.

BaCl2.2H2O [image: image89.png]800-900°C
—_—



  BaCl2 + 2H2O
Procedure: 
1- Heat a crucible and lid to dull redness for several min.(5) , allow to cool in a disiccator and weight after 20 min.

2- Introduce into the crucible 1.5 gm of A.R. barium chloride and weigh again.

3- Put the crucible with BaCl2 into a muffle (500°C) for 5min.
4- Allow it to cool in disiccator for 15min. and weigh.

5- Repeat the process(heating in muffle – cool in disiccaror – weigh) until constant weight two concecutive weightings being within 0.002gm is obtain.
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