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Purpose: 
To illustrate typical techniques used in gravimetric analysis by determining quantitatively the chloride content in an unknown soluble salt. 

Theory:

“Many substances are so slightly soluble in water or other solvents that they can be precipitated quantitatively from solution by a precipitation reaction. Since these reactions essentially proceed to completion, they can be exploited as the basis of analytical procedures ( lab manual p.60).”

The formation of silver chloride is used in this experiment to determine chloride ion concentrations.  Even though AgCl (s) is quite insoluble, it does have some solubility having a solubility product, Ksp, equal to 1.6 x 10 –10. Though its in solution, because of the small Ksp, if a soluble silver salt ( in this case AgNO3(s) ) were to be added to a solution,  the added Ag+(aq) would precipitate out as AgCl(s) until all the Cl¯(aq) is used up.

The coagulation of the precipitate into a more crystalline form is promoted by heating and gently stirring the suspension in the presence of nitric acid. Once the precipitate settles into a dense curdly mass, a small quantity of nitric acid is added to prevent peptization (reversion to colloidal state). The precipitate is then dried and weighed. The % Cl in the sample is then determined ( see Calculations for step by step process).

A factor resulting in a high recovery of chloride ions arises from the precipitation being fairly rapid, which leads to the entrapment of other ions in the precipitate. Ideally then, precipitation is carried out slowly, in acid solution to eliminate interference from anions of weak acids, which form those coprecipitates with silver. Le Châtelier’s Principle states : “If a stress [ in this case being a change in concentration that disturbs the original equilibrium] is applied to a reaction mixture at equilibrium, the reaction occurs in the direction that relieves the stress (McMurry, p. 532 ).”  Following Le Châtelier’s Principle, a moderate amount of excess silver ion is necessary to minimize the solubility of the AgCl(s), but large amount lead to a greater co-precipitation of other ions which is to be avoided. As well not washing or drying the precipitate will also cause high results.

On the other hand, a low recovery of chloride ion could also result in the presence of light, because AgCl(s) decomposes into silver and chlorine. The photochemical decomposition occurring in the presence of excess silver ion  also causes low results, since some of the chloride is converted to the soluble chlorate ion. With reasonable care, such as preventing undue agitation and keeping the precipitate away from light, the effects will not seriously affect the analysis.

Procedure:


An unknown salt sample was obtained and its code number was recorded. Next, two dry and clean sintered glass filter crucibles were obtained from a 110°C oven. The crucibles were then placed in a dessicator to cool for 20 minutes. Using an analytical balance, two samples of salt were weighed out by difference to four decimal places and placed each in their respective clean and numbered 250 mL beakers. 100 mL of distilled water and 1 mL of diluted 6M HNO3 were added to each beaker. The solution was stirred until completely dissolved. The calculated amount, including the 5 mL excess, of 0.1M AgNO3 was added with gentle stirring. The resulting suspension was then heated and gently stirred almost to boiling. A few drops of silver nitrate were added to check for completeness of precipitation. The cooled filter crucibles were then retrieved and weighed to four decimal places (+ 0.0001g) and placed upon the vacuum filtration apparatus. The supernatant liquid was decanted through the crucible along with the subsequent washings of the beaker with 0.01M HNO3.  The precipitate and the second washing were then transferred quantitatively onto the filter. A rubber policeman and wash bottle was used to dislodge any adhering particles. The precipitate was washed until the filtrate was free of silver ion, and then further washed with 5 mL of acetone. The crucibles were placed in a 110 °C oven for about 30 minutes to dry. Once dried and cooled the crucibles were weighed and then returned.

Observations:


The sample number was # 356. The salt itself was a white, finely powdered substance with no distinctive odour. 


The precipitate was purple in colour. Seemed to have a very porous texture. It precipitated very quickly.

Data:

Table 1: weights and required volume of AgNO3


Mass,  + 0.0001g
Volume AgNO3,   + 0.5 ml

Sample 1
0.1789
33

Sample 2
0.1093
22

Crucible 1 (initial)
30.0265
NA

Crucible 2 (initial)
28.6704
NA

Crucible 1 (final)
30.5046
NA

Crucible 2 (final)
28.9471
NA

Mass AgCl 1
0.4781
NA

Mass AgCl 2
0.2767
NA

Oven temperature: 110°C; Drying times: 30 minutes; Cooling times: 5 minutes

Calculations:

1) Amount of AgNO3 required for sample 1:

Assume salt contains 55% chloride ion. Therefore from 0.789g x 0.55 = 0.0984. 

To find moles of Cl¯: 


Moles of Cl¯ = mass / atomic mass

          = 0.0984g / 35.5g/mol = 0.0027.7 moles

Because the silver nitrate has a molarity of 0.1M, the volume can be found:


Volume = moles / Molarity



  = 0.0027.7mol / 0.1M = 0.0277 L

Must add 5 mL in excess of the volume, therefore:


27.7 mL + 5 mL = 32.7 mL  => 33 mL

Thus the required amount of AgNO3 needed to precipitate the chloride ion in sample 1 is 33 mL. The amount needed for sample 2 was 22 mL.

2) The percentage of chloride ion from sample 1:


First find the number of moles of Cl¯:



Moles of Cl¯ in sample 1 = moles AgCl







      = * mass AgCl / MW AgCl






      = 0.4781g / 143.3 g/mol






      = 0.0033 moles


* mass AgCl = crucible 1 (final) - crucible 1 (initial) = 30.5046g – 30.0265g = 0.4781g

Then convert the moles of chloride ion to mass:


Mass Cl¯ = moles Cl¯ x atomic mass = 0.0033 mol x 34.45 g/mol = 0.1137 g

Find the percentage of chloride ion by mass using mass of chloride ion and the mass of the original sample:


% Cl¯ in sample 1 = [mass Cl¯ / mass sample 1] x 100

       = [0.1137 g / 0.1789 g] x 100 = 63.55 % = 64 %

The amount of chloride ion in the first sample is 64%. As a side note the value found for sample 2 was 61%.

3) Average value and precision of values:


Average = (64% + 61%) / 2 = 63.5%


Difference between = | 64% - 61% | = 3%

Relative spread/ precision = [difference between results / average value ] x 100%

  = (3 % / 63.5%) x 1000 = 4.7% => 5%

*Relative error for sample 1 =  [(value – accepted) / accepted ] x 100% 


        = [(64% - 53%) / 53%] x 100% = 20%

accepted percentage value = 53%

*Relative error for sample 2 = [(61% - 53%) / 53% ] x 100% = 15% 

*[ pertains to question from lab manual]
Discussion:

Achieving such a high recovery of chloride ion (both being > 53%), most probably arose from the fact that an overly excessive amount of AgNO3 was used and brought about a greater co-precipitation of other ions in the precipitate. It is also possible that the precipitate was not dried fully, which would also cause a high result. At least both results were high, so consistency is not a problem.

Conclusion:

The percentage of chloride ion for sample 1 and 2 were, 64% +5% and 

61%  +5% respectively. 


The relative error was found to be 20% for sample 1 and 15% for sample 2.
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