Observations & Discussion


Part 1: Equilibrium Shift

a) The CuSO4 is a light blue solution

b) The addition of 2 drops of NH3 to the CuSO4 transformed the solution to s dark blue colour. It was also odourless.

   Normally, a white precipitate of Cu(OH)2 should’ve occurred in this reaction; however it didn’t because the concentration of ammonia is much higher than that of the copper ion, which forces the reaction to completion. Six water molecules surrounded copper, but ammonia molecules replaced those molecules when the ammonia solution was added. The copper sulphate was already a light blue, but as more and more NH3, the more the reaction (as seen as the first equation in Table. 1 Reactions Being Studied) got shifted to the right, which explains why the royal blue colour was obtained.

c) After 63 drops of HCl being added to the solution, the bottom of the test tube slowly began to turn clear and colourless. Sitting on top this clear solution was the previous dark blue solution. The blue part became cloudy as more drops of HCl were being added  a reaction was occurring. The reaction had a strong, pungent odour. The dark blue part of the solution slowly began to turn clear and colourless after a few more drops were added. After a total of 90 drops of HCl, the solution was completely odourless, colourless, and was clear.

   When HCl is added to the Cu(NH3) ion, the HCl reacts with the ammonia and decreases the concentration of it, which decreases the concentration of reactants and therefore, shows that the reaction is moving left. This explains why a clear, colourless solution is obtained.

1. In step 4, the same changes were observed; however, this time, 2 drops of NH3 were added to transform the solution to dark blue and 24 drops of HCl to transform the solution to clear, colourless, and odourless.









Part 2: Multiple Equilibria

d) The Na2CO3 was a clear, colourless, and odourless solution

e) The addition of AgNO3 turned the solution cloudy and white (white precipitate was formed). 

[bookmark: _GoBack]   Sodium and nitrate ions do not react in solution as they are water soluble; however, the silver and carbonate ions do react to form silver carbonate, a non-water soluble precipitate. The reaction, therefore, shifted to the right (this can be seen in the second equation in Table 1: Reactions Being Studied).

f) After the addition of 1-2 drops of HNO3, the solution slowly turned completely clear near the top, then middle of the solution in the test tube. After 3 drops – total – of the addition of HNO3, the whole solution turned clear and colourless. It was odourless as well

   The addition of HNO3 caused the precipitate to dissolve and formed a clear solution, which showed that there was a change in the equilibrium. The equilibrium shifted right (Equation 3 in Table 1: Reactions Being Studied).

g) After the addition of 1 drop of HCl, the solution returned to a clear, white, and odourless state.

   The equilibrium was shifted to the right (Equation 4 in Table 1: Reactions Being Studied) as a precipitate was formed again.

h) After the addition of 2 drops of NH3, the solution returned to its clear, colourless, and odourless state.

   NH3 dissolved the precipitate that was again formed, thus the equilibrium shifted to the right (Equation 5 in Table 1: Reactions Being Studied).

2. f) The addition of 3 drops of HNO3 caused the return of a white solution in a cloudy state. A thick and white cloud of smoke also sat on top on top of the solution.

   The second addition of HNO3 caused a white gas to form due to the too-high concentration of HNO3. 







g) The addition of 50 drops of HCl caused the solution to have a minimized amount of its cloudy, white state (less cloudy, less white/more clear and colourless). The cloud that sat on top of the solution disappeared. A white precipitate was also obtained. This precipitate either sat on top of the solution or sank to the bottom of the test tube.

   The equilibrium shifted to the left, as the solution started to clear up. 

h) After the addition of 6 drops of NH3, the solution turned completely colourless. The solution had a very strong pungent odour and still contained the precipitate. 

    The equilibrium shifted to the left. (seen in Equation 6 in Table 1: Reactions Being Studied)

i) After 2 drops of KI, the solution transformed into a cloudy, yellow solution. There was a bit of foggy gas formed on top of the solution again. The pungent odour was minimal.
 
   The equilibrium shifted to the right, as the precipitate reformed. Excess concentration of the reactant could have caused the foggy cloud to appear, as well as the iodine ion. (seen in Equation 7 in Table 1: Reactions Being Studied)


j) After the addition of 1 drop of Na2S, the solution turned brown and was not transparent. It had a very strong manour-like scent. The precipitate was still present.

   The equilibrium shifted to the right. This brown solution occurred due to the excess concentration of the product, Ag2S. The gas could’ve resulted from excess concentration of the reactant or from the sulphur ion. (seen in Equation 8 in Table 1: Reactions Being Studied)














Part 3: Buffers

k) The universal indicator had a high orange concentration-like colour to it. It’s pH seemed to look near 2.5.

l) The CH3COOH had a pH of 3. The two pHs nearly corresponded.

m) The addition of NaCH3COO to the wells containing the acid transformed the solution into a light red-orange and clear solution.

   The solution that results is H3O+ (aq) and CH3COO- (aq).  The salt of a strong base being added to the weak or weaker acid increases the pH on the pH scale.

n) The pH of the solution in m) was 4.

o) The solution with distilled water & the universal indicator had a orange colour to it and it was in a clear state. It’s pH looked to be around 2 or 3 but, the pH paper indicated that it was 6. The pHs corresponded.

   The pH of distilled water is actually 7. A reason for this could be entirely based on the idea that the pH paper wasn’t read nor measured properly when the attempt to finding the corresponding pH to the colour was made.

p) The addition of HCl to one well containing the distilled water caused the indicator to look red-violet in colour, thus the pH would appear to be more acidic. The addition of HCl to one well containing the buffer caused the indicator of the solution to be more concentrated in an orange colour.

q) The pH of the buffer with the strong acid was 4 and that of the distilled water was 2. The indicator indicated that the pH of the water increased and that of the buffer slightly decreased; however, the pH paper indicated that the distilled water solutions became more acidic and the buffer solutions pH didn’t change.

   The buffer solution’s pH doesn’t change drastically because the weak base increases to balance out the acid (shift to the right  seen in Equation 9 in Table 1: Reactions Being Studied), thus the weak base takes the acid’s proton to turn into it’s conjugate acid. Since the proton is locked up in the acetic acid ion, its proton doesn’t really serve to increase the pH of the solution significantly.

r) The addition of NaOH to one well containing the distilled water caused the indicator to look dark purple in colour, thus the pH would appear to be more much more basic due to. The addition of NaOH to one well containing the buffer solution caused the indicator of the solution to be slightly lighter (more yellow) in colour, thus the pH would appear to be more basic as well.

s) The pH of the buffer was approximately 4.5 and that of the distilled water was 11. The indicator and pH paper therefore indicated that both solutions became more basic, which the distilled-water-solution being a lot more basic and the buffer-solution only being slightly more basic.

   The buffer solution’s pH again, doesn’t change drastically because the acetic acid donates a proton to it’s conjugate base to become acetic acid and water (shifts to the left  seen in Equation 9 in Table 1: Reactions Being Studied)

3. 




































Part 4: Common-Ion Effect


t) The CoCl2 was a clear solution and was highly concentrated in a red-purple colour.

u) The addition of 6 drops of HCl caused the solution to transform into a dark purple solution that was see-through (clear).

The reaction shifted to the right (to the CoCl4, which is complex in blue) since there are more Cl- in the solution and there must be a balance achieved (seen in Equation 10 in Table 1: Reactions Being Studied).

v) The addition of 6 drops of distilled water to the overall solution caused a change in colour: the solution became pink/fuchsia.

The equilibrium shifted to the left (seen in Equation 10 in Table 1: Reactions Being Studied).

w) The solid CuBr2 looked like a black or navy or very dark green (hard to tell), sparkly powder.

x) The addition of distilled water to the w) caused the powder to dissolve and for a light green solution to take the place of the powder that was once there.

The equilibrium shifts right to the tetrabromocuprate(II) ion, as it is defined by a green-ish colour (seen in Equation 11 in Table 1: Reactions Being Studied).

y) The additional drops of water caused the solution to obtain a transparent light blue colour

The equilibrium shifts left to the tetraquocopper(II) ion (seen in Equation 11 in Table 1: Reactions Being Studied). 

z) When even more distilled water was added – more specifically, 25 additional drops - the solution became lighter in colour.

The equilibrium shifts left to the tetraquocopper(II) ion (seen in Equation 11 in Table 1: Reactions Being Studied). 







aa) After adding 6 drops of distilled water to the KBr crystals in the well, a clear and colourless solution was obtained.

This tells us that the ions in the salt are water soluble. The H+ ions in the water surround the Br- ions from the KBr, and the O- ions in the water surround the K+ in the KBr. KBr is known to possess a ionic bond (it almost acts like NaCl in water). The addition of the solid didn’t change the appearance of the solution.

ab) The solution – z) - became more concentrated in the colour blue-green, and was transparent.

The equilibrium shifted to the left, as the solution became more concentrated of the blue-green colour.

ac) The solution – bb) – turned into a dark purple shaded solution.

The equilibrium changed, or shifted to the right, which was caused by the addiction of the concentrated HCl and heat into the CoCl2.




Conclusion:


Systems under states of equilibrium shifted left or right, depending on which direction would minimize the effect of stress, such as changes in concentration and temperature. LeChatlier’s Principle was supported when colors of solutions could be reversed, precipitates dissolved and could reform without the concentrations being in excess. If the corresponding equilibrium equations could be shifted both left and right, then LeChatlier’s Principle could be supported, and it was in each and every experiment conducted.













