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Table 1.  Observations and Discussion
	[Cu(H2O)4]2+ (aq)  +  4 NH3 (aq)  (  [Cu(NH3)4]2+ (aq)  +  4 H2O (l)
The 0.1 mol/L CuSO4 on its own had a turquoise tint to it which is expected as Cu2+ ions are blue whereas SO2+ ions are colourless.
One drop of concentrated NH3 was added and the solution immediately became dark blue after gentle mixing. This is due to the LeChatelier Principle where the concentration of of NH3 is greatly increased and therefore the equilibrium constant becomes smaller and the reaction moves forward as the excess NH3 is being used up and more [Cu(NH3)4]2+ is being produced. The change in colour is because the complex ion [Cu(NH3)4]2+ is a darker blue than CuSO4.
Next 3 drops of 1 mol/L HCl was added and the solution became a slightly lighter selsun blue. This is because the Cl ion displaces the NH3 ion and replaces them with water molecules again. As HCl is added, the amount of NH3 in the solution decreases. The resulting [Cu(H2O)4]2+ has a lighter colour than the copper-ammonium complex.
The dark blue and selsun blue colours could be achieved again by adding the concentrated NH3 and 1 mol/L HCl respectively. This is because by increasing the concentration of ammonia again we are able to make the equilibrium shift to the right in order to use up the excess ammonia and by increasing the concentration of HCl which increases the concentration of chloride ions which will shift the reaction back to the left again due to LeChatelier’s principle. By manipulating his principle we are able to push the reaction in either direction by increasing the concentration of the products or reactants.

	2AgNO3 (aq)  +  Na2CO3 (aq)  (  Ag2CO3 (s)  +  2 NaNO3 (aq)

Initially the 0.1mol/L Na2CO3 is colourless as alkali metals as ions are colourless in solutions. 
When 0.5 mL of 0.01 mol/L AgNO3 is added, the solution became a cloudy white. This is due to the solid powdery gray Ag2CO3 precipitate formed that was floating in the colourless NaNO3.
Next one drop of 6mol/L HNO3 was added to the solution and after gentle mixing the mixture became colourless. 
2 H+ (aq)  +  CO32- (aq)  (  H2CO3 (aq)  (  H2O (l)  +  CO2 (g)

Using the general formula ACID + CARBONATE = SALT + WATER + CO2 we can deduce that what’s happening is that the solid silver carbonate is dissolving in the nitric acid and producing aqueous colourless silver nitrate, water, and carbon dioxide. 
Ag+ (aq)  +  Cl- (aq)  (  AgCl (s)

Next one drop of 0.1 mol/L HCl was added to the formula which resulted in another cloudy white mixture. What happened was that the silver quickly combined with the chloride ions from the HCl and produced the white precipitate silver chloride whereas the hydrogen ions combined with the nitrate ions resulting in colourless nitric acid. The floating white precipitate would explain the cloudy white appearance of the mixture.

Ag+ (aq) +  2NH3 (aq)  (  [Ag(NH3)2]+ (aq)

Next one drop of concentrated NH3 was added to the mixture and resulted in yet again another colourless solution. What happened was that the silver reacts with the ammonia to form the complex ion [Ag(NH3)]2+ resulting in a mixture of HNO3, Cl​-, and the complex [Ag(NH3)]2+, none of which add colour to a solution and are all aqueous so the solution is transparent.

H+ (aq)  +  NH3 (aq)  (  NH4+ (aq)
One can add HNO3 to this mixture to dissolve the [Ag(NH3)]2+ to produce ammonium, silver ions, and nitrate ions. The free floating silver ions quickly combine with the free floating chloride ions and produce a final mixture of silver chloride, ammonium, and nitrate ions. To reverse this process one must simply add the concentrated NH3 again which will dissolve the silver chloride and produce the [Ag(NH3)]2+ complex ion again. Therefore, this reaction is reversible.
Ag+ (aq)  +  I- (aq)  ( AgI (s)

Next we added one drop of 0.1 mol/L KI which created a phlegm like colour. The [Ag(NH3)]2+ is dissolved and the silver reacts with the iodide ions to form silver iodide which has a yellowish colour which corresponds with the colour of the solution. The resulting mixture is silver iodide, ammonia, and potassium ions.
2Ag+ (aq)  +  S2- (aq)  ( Ag2S (s)

Finally one drop of 0.1 mol/L Na2S to the mixture and resulted in a brown liquid with a very dark almost black precipitate. What happened was that there was a double displacement reaction in which silver sulfide and sodium iodide was formed. The dark particles of the silver sulfide that are floating around is what gives the dark colour to the solution since sodium iodide is colourless in solution.


	CH3COOH (aq)  +  H2O (l)  (  H3O+ (aq)  +  CH3COO- (aq)

With the universal indicator, the CH3COOH appears red for both wells which corresponds with a pH of 4.
The pH paper became orange for both wells also indicating a pH of 4.
After the salt was added the pH according to the universal indicator became more basic whereas the pH paper indicated that the pH became more acidic. We therefore came to the conclusion that the pH was mostly unchanged.
The distilled water became a very bright almost yellow colour with the universal indicator, and the pH paper came out as a pale orange, indicating a pH of about 6 for both indicators.
When the acid was added to the water, the solution became a darker orange which corresponded with a pH of 5, and the pH paper became red orange which corresponds with a pH of 3.
When acid was added to the buffer, the solution became a darker orange which corresponded with a pH of 5 and the pH paper became a pale orange which corresponded with a pH of 4. 

When the base was added to the water, the solution became purple which indicated a pH of 10, and the pH paper became a dark blue corresponding with a pH of 12. 

When the base was added to the buffer, the solution became yellow orange which corresponded with a pH of 6 and the pH paper became light green which corresponded with a pH of 6.

The pH paper and the universal indicator worked with mixed success, often not proving each others’ results.



	4Cl- (aq)  +  [Co(H2O)6]2+ (aq)  (  [CoCl4]2- (aq)  +  6 H2O (l)

The solution of CoCl2 was a green-blue at room temperature. After adding 3 drops of HCl the solution became fuscia. After adding 2 drops of distilled water it became fuscia. By the time we brought the CoCl2 to the hot water bath it was burgundy, after removing it from the bath it was a deep purple. This indicates that the reaction was still making its way to equilibrium and that the heat helped speed up the time it took to reach that point.
The addition of water changes the equilibrium because water is one of the products of this reaction. Based on what we know from LeChatelier’s principle, we understand that if more product is added to a reaction in equilibrium, the reaction will change in such a way to facilitate the change in the environment. In this case the addition of water (a product) makes the reaction go to the left as the excess water needs to be used up in order to maintain equilibrium once again.


	4 Br - (aq)  +  [Cu(H2O)4]2+ (aq)  (  [CuBr4]2- (aq)  +  4 H2O (l)
The solution of CuBr2 changed into a dark brown after 5 drops of distilled water, it then became aquamarine after an additional 10 drops of distilled water. Finally after adding 2 mL of distilled water the solution was cyan and remained so even after the addition of Potassium bromide. After leaving it in hot water, it became more of a greener teal most likely because it was more quickly pushed to completion since heat speeds up reactions.
The addition of water changes the equilibrium because water is one of the products of this reaction. Based on what we know from LeChatelier’s principle, we understand that if more product is added to a reaction in equilibrium, the reaction will change in such a way to facilitate the change in the environment. In this case the addition of water (a product) makes the reaction go to the left as the excess water needs to be used up in order to maintain equilibrium once again.



Calculations

1. Change in pH of water with acid

pH of H2O = 7

[HCl] = 0.1 M

VHCl = 5 drops = 0.25 mL

VH2O = 20 drops = 1.0mL

C1V1=C2V2
C2 = (0.1)(0.25) / (1.25)

= 0.02 M

[H+] = 0.02 M

pH = -log [H+]
pH = - log (0.02)

pH= 1.7

2. Change in pH of water with base

pH of H2O = 7

[NaOH] = 0.1 M

VNaOH = 5 drops = 0.25 mL

VH2O = 20 drops = 1.0mL

C1V1=C2V2
C2 = (0.1)(0.25) / (1.25)

= 0.02 M

[OH-] = 0.02 M

pOH = -log [OH-]
pOH = - log (0.02)

pOH= 1.7

pH = 14 – pOH

pH = 14-1.7

pH = 12.3

3. Change in pH of buffer when acid is added

CH3COOH ( CH3COO- + H+
	
	CH3COOH
	H+
	CH3COO-

	I
	0.04 M
	0.02 M
	0.04 M

	C
	+0.02
	-0.02
	-0.02

	E
	0.06
	N/A
	0.02


pH = pKa + log ([A-] / [HA])
pH = -log (1.8x10-5) + log (0.02/0.06)
pH = 4.3

4. Change in pH of buffer when base is added

NaCH3COO + H2O ( CH3COOH + NaOH

	
	NaOH
	CH3COOH
	NaCH3COO

	I
	0.02 M
	0.04 M
	0.04 M

	C
	· 0.02
	-0.02
	+0.02

	E
	N/A
	0.02
	0.06


pOH = pKb + log ([HB+] / [B])

pOH = -log (5.56x10-10) + log (0.06 / 0.02)

pOH = 9.7

pH = 14 – pOH

pH = 4.3
Additional Discussion:

There were some difficulties and sources of error with this experiment due to the environment we were placed in. First, other members of the lab had produced a smell by mixing chemicals that made it difficult to discern and detect the smells coming out of our own mixtures. Secondly there was a lot of noise so sound detection was also difficult. Therefore our most accurate observations were the ones listed earlier, the visual observations.


The pH of the distilled water ideally would have been 7 however as CO2 slowly dissolved into the water it would become slightly acidic the longer we took to conduct our experiment as made evident by the acidic levels of distilled water in the buffer portion of the lab. This is reflected in the odd levels of pH in the final results of the acid in buffer solution as the buffer appeared to be too weak, when in actuality the buffer was working to counteract the acidity of the water in addition to the acid.
Conclusion:
In conclusion, this experiment proved many aspects of LeChatelier’s principle; the position of equilibrium shifts to counteract the addition of a reagent or product, reactions in equilibrium can be easily reversed with the addition of the correct reagents, buffers effectively reduce the effects of adding a base or acid to a solution, whenever you have a sparingly soluble substance it will be less soluble in a solution which contains any ion in common, and increased temperatures stresses the equilibrium of a system which tries to rebalance itself.
