Table 1.  Observations and Discussion

	
Part 1: Equilibrium Shift
[Cu(H2O)4]2+ (aq)  +  4 NH3 (aq)    [Cu(NH3)4]2+ (aq)  +  4 H2O (l)

Approximately 1 mL of 0.1 M CuSO4 was added to a test tube, which dissociated into its ions, Cu2+ and SO42. The Cu2+ ion became hydrated, forming aqueous [Cu(H2O)4]2+, which caused the solution to appear as a light, pale blue colour, which did not give off an odour. 

When mixed with 2 drops of concentrated 6 M NH3 solution, which was a colourless and clear solution with a pungent smell, a clear darker blue colouration appeared, though still relatively light. After shaking the test tube to mix the contents more thoroughly, the colour quickly transitioned to being much deeper blue in colour. The deep blue colouration is from the formation of the copper ammonia complex, [Cu(NH3)4]2+, which also had a faint odour similar to that of NH3. Since there originally were no products in the solution, mixing the reactants caused the equilibrium to shift towards the right and cause the formation of product. 

When 11 drops of 1 M HCl, a clear and colourless solution, were added, the contents in the test tube changed to a light milky blue solution. After allowing the solution to settle, a sandy white precipitate formed at the bottom of the test tube, which is speculated to be NH4Cl, while the solution it was in became much clearer but still the same light blue colour. This occurred when the HCl removed the NH3 from solution via neutralization, thus causing the concentration of the deep blue [Cu(NH3)4]2+ to decrease, while causing the concentration of the light blue [Cu(H2O)4]2+ to increase. In short, the concentration of NH3 decreased, thus causing the equilibrium to shift towards the formation of the reactants to compensate for the loss of NH3, and re-establish an equilibrium.

With the addition of 2 more drops of NH3, the equilibrium was once again changed, shifting the equilibrium towards the formation of products, and established the clear, deep blue colouration of the solution once again. Afterwards, adding 20 more drops of HCl did the reverse, once again shifting the equilibrium back to the reactants, returning it back to a lighter blue colouration with a sandy white precipitate settling at the bottom of the test tube.

Therefore, decreasing the concentration of a species in equilibrium will shift the equilibrium that was established, causing the reaction to move towards the formation of the species that was lost. Increasing the concentration of a species in equilibrium will do the opposite, with the reaction shifting towards the consumption of the added species. As stated in Le Chatelier’s Principle, this is an example of how a system will shift its equilibrium in a certain direction (toward the reactant side or the product side) in order to relieve the stresses placed on it.




	
Part 2: Multiple Equilibria
2AgNO3 (aq)  +  Na2CO3 (aq)    Ag2CO3 (s)  +  2 NaNO3 (aq)

When mixing 10 drops of 0.01 M AgNO3, which was a clear colourless solution, with10 drops of 0.1 M Na2CO3, another clear and colourless solution, aqueous NaNO3 and solid Ag2CO3 formed as products, which appeared as a milky light brown solution in the test tube. The equilibrium shifted to the right to form products, as there were none initially; this can be seen in the formation of an opaque white precipitate suspended in a clear light brown solution once it was allowed to settle. Using solubility rules, it is known that most carbonates are insoluble in water, with some exceptions such as alkali metals like Na2CO3. However, this exception does not include Ag2CO3, and as a result it precipitated out of solution. 

Ksp (Ag2CO3) = 8.46 x 10-12


	
2 H+ (aq)  +  CO32- (aq)    H2CO3 (aq)    H2O (l)  +  CO2 (g)

After adding 1 drop of 6 M HNO3, the Ag2CO3 precipitate dissolved and the solution returned back to being clear and colourless. The NO3- ions from HNO3 combined with the Ag from the precipitate, and formed back into the reactant, AgNO3. This reaction with the precipitate is able to occur because H+ from the HNO3 reacts with the CO32- ions in solution from Na2CO3. As a result, the concentration of CO32- decreases and the reaction shifts towards the reactant side. Therefore, the precipitate dissolves as the equilibrium shifts back to reactants to produce more CO32- ions.

The reaction between H+ and CO32- also causes the formation of H2CO3. However, it naturally decomposes as it is unstable, producing both liquid H2O and CO2 gas which escaped the test tube. During the experiment, the formation of gas, such as rising bubbles in the solution, was not observed. For a visual change to occur, very little HNO3 was needed to be added, with only 1 drop in this case. Because very little was needed, it is likely that the amount of CO2 gas formed was also very little, making it not very noticeable to the eye.


	
Ag+ (aq)  +  Cl- (aq)    AgCl (s)

Adding 2 drops of HCl into the solution caused the formation of an opaque white flakes of precipitate to appear at the surface of the milky white solution. Only AgNO3 was remaining in solution at this point, and using solubility rules, it is known that NO3- compounds are all soluble in water. On the other hand, the Cl- ions introduced from HCl reacted with Ag+ in solution, forming solid AgCl. While many Cl- compounds are also soluble in water, there are a few exceptions, with AgCl being one of them. Thus the compound, being insoluble in water, precipitated out of solution. 

Ksp (AgCl) = 1.77 x 10-10


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

Adding 3 drops of NH3 returned the solution back to being clear and colourless. Therefore, the equilibrium shifted to the left back to the reactants. Introducing NH3 into the solution caused the formation of [Ag(NH3)2]+, a silver ammonia complex, and the reaction is highly favourable towards the formation of this product. As a result, the Ag+ in solution is consumed, resulting in a decrease in its concentration. Therefore, the reaction discussed previously shifts to the left towards the reactants, with the precipitate AgCl being consumed to form Ag+ and Cl- to create more Ag+ to establish equilibrium, thus leaving a clear colourless solution.


	
H+ (aq)  +  NH3 (aq)    NH4+ (aq)

Adding 11 drops of HNO3 caused the formation of an opaque white precipitate once again. The HNO3 ionizes into H+ and NO3-, and the H+ neutralizes the NH3, forming NH4+. As a result, to compensate for the loss of NH3, [Ag(NH3)2]+ is consumed to form Ag+ and NH3 in order to re-establish an equilibrium. However, the amount of NH3 formed is very small, and therefore the reaction to produce [Ag(NH3)2]+ is not heavily favoured as before. The Ag+ can then react with the Cl- in solution to form the precipitate AgCl once again.

Adding 2 drops of NH3 had the same results as before. The reaction moved toward the heavily favoured formation of [Ag(NH3)2]+. As a result, Ag+ in solution is consumed, and to make up for the loss of Ag+, the equilibrium shifts to the left and AgCl decomposes to form Ag+ and Cl-. This results in the loss of the opaque white precipitate, with the solution becoming clear and colourless once again.


	
Ag+ (aq)  +  I- (aq)   AgI (s)

After adding 1 drop of 0.1 M KI, which was a clear and colourless, into the solution, an opaque, yellow-green/beige flakes of precipitate formed in the tinted yellow-white solution. The Ag+ reacted with the surplus of I- ions therefore causing the equilibrium shifts to the formation of the insoluble product, or the precipitate, AgI. The loss of Ag+ would cause [Ag(NH3)2]+ to dissociate back into Ag+ and NH3 as well.

Ksp (AgCl) = 1.77 x 10-10                                                   Ksp (AgI) = 8.52 x 10-17

Since Ksp (AgI) > Ksp (AgCl), AgI is much more insoluble in comparison to AgCl. As a result, the precipitate would be AgI rather than AgCl. This is also clear due to the colour difference.


	
2Ag+ (aq)  +  S2- (aq)   Ag2S (s)

After adding 1 drop of 0.1 M Na2S, which was clear and colourless, the solution turned to a clear light brown colour with shiny silver precipitate flakes on the surface. After the test tube was gently shaken further and was allowed to settle, the formation of a brown precipitate at the bottom of the test tube became evident. The S2- ions from Na2S react with Ag+ to form the brown precipitate Ag2S. The formation of the new precipitate is due to the solubility product constants of AgI and Ag2S. 

Ksp (AgI) = 8.52 x 10-17                                                         Ksp (Ag2S) = 6 x 10-30

It is clear that Ksp (AgI) < Ksp (Ag2S). As a result, Ag2S is much more insoluble in comparison to AgI, causing it to precipitate out of solution instead of AgI. This explains the change in colour of the precipitate, as a new precipitate formed.


	
Part 3: Buffers
CH3COOH (aq)  +  H2O (l)    H3O+ (aq)  +  CH3COO- (aq)

10 drops of 0.1 M CH3COOH, which was a clear and colourless solution, and 3 drops of universal indicator, which was a clear red solution, were combined in 2 empty wells. This solution had a red-orange colouration, which indicated that the solution was acidic, and the pH paper correspondingly indicated a pH of around 3. When 10 drops of 0.1 M NaCH3COO were added to each well to form the buffer system, the solution then changed to have a slightly lighter red/orange colouration, representing that the solution was still acidic, and pH paper still indicated a pH of around 3 as well. 

After putting 20 drops of distilled water into 2 different empty wells, 3 drops of universal indicator were then added to each well. This solution was clear and dark red. The pH paper indicated that the pH of water was approximately 6, which corresponds to a slightly acidic solution; however, the pH of distilled water should be neutral at 7. This conveys that some contamination occurred that caused this error. 

Adding 5 drops of 0.1 M HCl to one of the buffer well did not change the colour noticeably, as the solution still remained a red-orange colour. The pH paper indicated a pH of approximately 3. Meanwhile, adding the 5 drops of HCl to the well containing water and universal indicator turned the solution to a pinkish-orange colour, thus making the pH of water more acidic. The pH paper indicated that acidity of the water changed from a pH of 6 to a pH of 3. 

In the other buffer well, when adding 5 drops of 0.1 M NaOH, the solution temporarily turned to a dark purple, but when swirled, it quickly faded away and the solution returned to its original orange colour. Thus overall, no change in colour nor change in pH occurred; the pH remained at 3. Meanwhile, adding NaOH to the other well contained water and indicator caused the solution to turn to a dark purple colour, conveying that it made the water more basic. The pH paper indicated that the pH of water changed from 6 to 11.

Therefore, it is clear that the buffer system resisted changes in pH. When HCl is added to the aqueous buffer system, it completely ionizes into H3O+ and Cl-, increasing the concentration of H3O+. However, this is neutralized by the conjugate base, CH3COO-. As a result, this stress causes the equilibrium to shift to the left, decreasing the concentration of H3O+ which inhibits drastic changes of pH. While this decreases the concentration of CH3COO- and increases the concentration of CH3COOH, it is very minor and does not affect the pH of the solution significantly. However, with the case of adding HCl to water, it is simply only a dilution. There is no buffer system to prevent changes in pH, and therefore the water’s pH will decrease drastically, becoming acidic, and the pH of water decreased by 3.

When NaOH is added, the base dissociates into OH- and Na+. The weak acid, CH3COOH, neutralizes the addition of OH-, and as a result the equilibrium shifts to the right. Again, the concentration CH3COO- will increase while the concentration of CH3COOH will decrease slightly, but there is little effect to the pH. Therefore, the buffer system prevents drastic changes of pH. As with the addition of HCl to water, adding NaOH to water is again, a dilution. Therefore, the water’s pH will increase drastically, becoming basic. While the pH of the buffer had no change, the pH of water increased by 5.


	
Part 4 and 5: Common Ion and Temperature Effect
4Cl- (aq)  +  [Co(H2O)6]2+ (aq)    [CoCl4]2- (aq)  +  6 H2O (l)

5 drops of 1 M CoCl2 were added to an empty well of the well plate. CoCl2 dissociated into its ions, Co2+ and Cl-, and the Co2+ then became hydrated, forming [Co(H2O)6]2+. This was what gave the solution its clear, cranberry-red colouration.

When 5 drops of 12 M HCl were added, and the result was a clear purple solution. This is because of the common-ion effect; HCl ionizes into H+ and Cl-, therefore increasing the concentration of Cl-. This causes the equilibrium to shift to the right, towards the products, to consume the surplus of added Cl-. The purple colouration would be due to the production of [CoCl4]2-.

After adding 5 drops of water to the solution, the colour returned back to a clear, cranberry-red colour. Again, this is because the addition of water increases the concentration of H2O on the product side. This causes the equilibrium to shift to the left, towards the reactants, to use up some of the added product. As a result, the red colour seen initially returned.

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

After heating the solution in a hot water bath, the solution turned into a deep, scarlet red. Therefore, heat caused the reaction to shift towards the product, [CoCl4]2-, as the increased intensity of the colour indicates an increase in its concentration. This is because of the temperature effect. If the forward reaction is endothermic, heat can be viewed as being a reactant. Increasing the heat would cause the reaction to want to remove the heat and shift the equilibrium to the right, towards the products. The forward reaction of this equilibrium is endothermic, while the reverse reaction is exothermic. The increase in heat caused the equilibrium to shift towards the products, forming more [CoCl4]2- responsible for the dark scarlet red colouration.


	
4 Br - (aq)  +  [Cu(H2O)4]2+ (aq)    [CuBr4]2- (aq)  +  4 H2O (l)

CuBr2, a shiny dark grey metallic powder, was added to an empty well. Adding 5 drops of water partially dissolved the solid, with a clear light brown colouration appearing with a few small brown specks of precipitate. After adding an additional 10 drops, the solid was completely dissolved, forming a clear light bluish-green solution.

When only adding 5 drops of water, the Cu2+ would hydrate, forming [Cu(H2O)4]2+, which would be in equilibrium as stated in the equation above. When adding the additional 10 drops of water, the equilibrium shifted to the left towards the reactants, causing the solution to exhibit a clear light blue, slightly green colouration. This change in colour is because of the increase in concentration of [Cu(H2O)4]2. When an additional 25 drops of water were added to bring the total volume to 2 mL, the solution turned to a light blue/turquoise colour. This addition of more water ensures that the equilibrium is pushed significantly to the left side of the equation because of the excess of water.

A pinch of KBr, a beige-white granulated powder, was dissolved with the addition of 17 drops of water. The resulting solution is clear and colourless, and therefore the ions K+ and Br- are also clear. 

When adding solid KBr into the CuBr2 solution, the KBr dissolved, and the solution remained light turquoise blue colour. 

Heat + 4 Br - (aq)  +  [Cu(H2O)4]2+ (aq)    [CuBr4]2- (aq)  +  4 H2O (l)

Heating this solution caused the solution to become a clear olive green colour. Since it was established that Br - is colourless, [Cu(H2O)4]2 is light blue, and of course H2O is clear, then the green colouration must be due to [CuBr4]2-. Therefore, heat caused the equilibrium to shift towards the right, to the products. This is because of the temperature effect. If the forward reaction is endothermic, then adding heat will cause the reaction to shift in the forwards direction as well. Therefore, the forward direction of this equilibrium is in fact endothermic, and the reverse reaction is exothermic. Increasing the temperature caused the equilibrium to shift towards product, causing an increase in the concentration of [CuBr4]2-, establishing an olive green colouration.





Calculations:

1. pH of Water

2H2O (l)  H3O+ (aq) + OH- (aq)


[H3O+] = [OH-]

Kw = 1.0 x 10-14

Kw	= [H3O+][OH-]
		= [H3O+]2

[H3O+]	= 1.0 x 10-7

pH	= -log[H3O+]
	= -log(1.0 x 10-7 mol/L)
		= 7.00
	
Therefore, the pH of water is 7.00.


2. pH of Buffer

Before Mixing:
VCH3COOH = VNaCH3COO = 0.50 mL
[CH3COOH] = [NaCH3COO] = 0.1 mol/L

After Mixing:
Vsolution = 1.00 mL

[CH3COOH] = [NaCH3COO] = [CH3COO-]	= 0.1 mol/L x 
= 0.05 mol/L

Ka for CH3COOH = 1.8 x 10-5

	pH	= pKa + log 
= -log(Ka) + log 
		= -log(1.8 x 10-5) + log 
		= 4.74
	
	Therefore, the pH of the buffer is 4.74.


3. pH of Water + Acid

HCl (aq) + H2O (l)  H3O+ (aq) + Cl- (aq)

Before Mixing:
VH2O = 1.00 mL
VHCl = 0.25 mL
[HCl] = 0.1 mol/L

After Mixing:
VHCl = 1.25 mL

[HCl] 	= 0.1 mol/L x 
	= 0.02 mol/L

[HCl] = [H3O+], HCl is a strong acid, ionizes completely

pH	= -log[H3O+]
	= -log(0.02 mol/L)
	= 1.70

Therefore, the pH of the water and acid is 1.70.


4. pH of Water + Base

NaOH (aq)  Na+ (aq) + OH- (aq)

Before Mixing:
VH2O = 1.00 mL
VNaOH = 0.25 mL
[NaOH] = 0.1 mol/L

After Mixing:
VNaOH = 1.25 mL

[NaOH] 	= 0.1 mol/L x 
		= 0.02 mol/L

[NaOH] = [OH-], NaOH is a strong base, so it dissociates completely

pOH	= -log[OH-]
	= -log(0.02 mol/L)
	= 1.70

pH	= 14 – pOH
	= 14 – 1.70
	= 12.30

Therefore, the pH of the water and base is 12.30


5. pH of Buffer + Acid

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

Before Mixing:
VCH3COOH = VNaCH3COO = 0.50 mL
VHCl = 0.25 mL
[CH3COOH] = [NaCH3COO] = [HCl] = 0.1 mol/L

After Mixing:
Vsolution = 1.25 mL

[HCl]	= 0.1 mol/L x 
	= 0.02 mol/L

[HCl] = [H3O+], HCl is a strong acid, ionizes completely

[CH3COOH] = [NaCH3COO] = [CH3COO-]	= 0.1 mol/L x 
= 0.04 mol/L


	
	CH3COOH
	H2O
	H3O+
	CH3COO-

	Initial (mol/L)
	0.04
	-
	0.02
	0.04

	Change (mol/L)
	+0.02
	-
	-0.02
	-0.02

	Final (mol/L)
	0.06
	-
	0
	0.02




Ka = 1.8 x 10-5

	pH	= pKa + log 
= -log(Ka) + log 
		= -log(1.8 x 10-5) + log 
		= 4.27

Therefore, the pH of the buffer and acid is 4.27. 





6. pH of Buffer + Base

	CH3COOH (aq) + OH- (aq)    H2O+ (aq) + CH3COO- (aq)

Before Mixing:
VCH3COOH = VNaCH3COO = 0.50 mL
VNaOH = 0.25 mL
[CH3COOH] = [NaCH3COO] = [NaOH] = 0.1 mol/L

After Mixing:
Vsolution = 1.25 mL

[NaOH]	= 0.1 mol/L x 
	= 0.02 mol/L

[NaOH] = [OH-], NaOH is a strong base, dissociates completely

[CH3COOH] = [NaCH3COO] = [CH3COO-]	= 0.1 mol/L x 
= 0.04 mol/L


	
	CH3COOH
	OH-
	H2O
	CH3COO-

	Initial (mol/L)
	0.04
	0.02
	-
	0.04

	Change (mol/L)
	-0.02
	-0.02
	-
	+0.02

	Final (mol/L)
	0.02
	0
	-
	0.06




Ka = 1.8 x 10-5

	pH	= pKa + log 
= -log(Ka) + log 
		= -log(1.8 x 10-5) + log 
		= 5.22

Therefore, the pH of the buffer and base is 5.22.

Additional Discussion:

Because the lab was primarily qualitative, there are very few sources of error. One of the biggest issues when dealing with numerous solutions and reactions would be from contamination. This could lead to inaccurate results, such as a precipitate forming when it shouldn’t, or differences in colours of the solutions or precipitates. A minor source of potential error would be measuring pH using the indicator and pH paper, both of which are highly qualitative. It is very difficult to get an accurate reading. Nonetheless, for the purposes of this lab, all that was needed was to determine whether a change in pH had occurred, and whether it became more acidic or basic. Therefore, there is a low chance for error to arise due to the qualitative nature of the measurements.


Conclusion:

In conclusion, it was shown through the lab that changes in concentrations affect the directions of equilibrium, as stated in Le Chatelier’s Principle. Increasing the concentration of a species will shift the equilibrium away from the species, while decreasing the concentration of a species will shift the equilibrium towards it, whether it be for a single equilibrium reaction or multiple equilibria occurring simultaneously. This is often associated with the common-ion effect, where the introduction of a compound sharing an ion with a species causes an increase in that species’ concentration.

The experiment also displayed the effects of a buffer system, and its resistance to pH changes. Buffers significantly prevent changes in pH, by removing the addition of H3O+ and OH- ions by neutralizing them and shifting the direction of the equilibrium away from them to form the acid or conjugate base respectively. Without a buffer system in place, pH changes can be drastic, as displayed with the change in pH of the water.

Lastly, the experiment showed the effects of the temperature effect. The addition of heat will cause the reaction to shift to the direction that removes heat, or is endothermic, while removing heat will cause the reaction to shift towards the direction that has the formation of heat, or is exothermic. 
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