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Introduction/Theory

It is very common to see chemical reactions written as a set of chemical reactants, an arrow indicating the reactants changing, and the products of that chemical reaction. This is generally depicted in textbooks about chemistry and in many other sources about chemicals. This format is easily understood by most and easy to read and as a result is what is most often seen, while in actuality this is not quite the case. Although the previously mentioned equation formats are not necessarily wrong, they don’t explain the entirety of what happens during a reaction. When looking at standard equations for chemical reactions, it is often seen as one set of reactants turning completely into a set of products (assuming that there are no excesses), but in reality, most reactions don’t go to completion. After a certain amount of reactant has been turned into product, the reaction reaches a state called equilibrium where the number of products being formed stops. This does not mean that the reaction is over though, as the reaction is still happening, it has just reached a ratio where the amount of reactant turning into product is the same as product turning into reactant. This state can be defined with a constant known as the equilibrium constant (K) and can be calculated using knowledge of what makes up the particular reaction.

K = [C]c[D]d / [A]a[B]b

Like with the calculations of regular reactions, factors like temperature, pressure and interference from other outside materials and conditions can affect a reaction at equilibrium. This behaviour is described with Le Chatelier’s Principle, which states that if a reaction at equilibrium is disturbed or changed, the reaction will shift in such a way that favours one side of the reaction over another.

When it comes to examination of substances in equilibrium, acids and bases provide plentiful examples. As there are many varying levels of potency for both acids and bases, their reactions when being mixed together can be very unique. When mixing varying acids and/or bases, the mixture created has its own equilibrium. Like previously mentioned, the equilibrium can shift to one side more than another and be influenced by different factors like temperatures but the mixture let react normally and settle will eventually reach this state.

pH = -log[H+(aq)]

Since it is possible to control acids and bases using certain chemicals, it is possible to attain desired concentrations for certain acids and bases. One way of controlling acidity is through buffers. Buffers allow for mitigation of excess levels of base or acid in a system and thus are very good for controlling pH levels of a system. In this lab we will witness and measure how addition of certain substances and buffers change the pH of a mixture as well as see these shifts in equilibrium happen through changes in colour and states of certain mixtures.




Observations
Part 1: Equilibrium Shift
a) [Cu(H2O)4]2+(aq)											The CuSO4 is blue. The copper ion is responsible for the colour when it dissociates from the CuSO4 and interacts with the water molecules around it. 
b) [Cu(H2O)4]2+(aq) + 4NH3 (aq) → [Cu(NH3)4]2+(aq) + 4H2O(l) 					When the CuSO4 and the NH3 react the solution becomes an indigo colour and becomes translucent. The  [Cu(NH3)4]2+(aq) ion, which causes the colour change, is an indicator. When the [Cu(H2O)4]2+(aq) dissociates when the reaction begins the Cu2+ ions interact with the NH3 and form the  [Cu(NH3)4]2+(aq) ion which has a different colour than the Cu and NH3 does, indicating a change during the reaction. The colour change occurred after two drops of NH3 were added.
c) A white precipitate forms, the equilibrium shifted to form more products. The solution had not been that colour before. That is the second equilibrium point in the series of equilibria.
1. Step 4 the same changes are able to be seen. The changes should be the same because the solution of CuSO4 is still present in the test tubes, and is still available to react with the NH3 and HCl when they are added for a second time. Not all of the solution would have reacted initially, and there would also be some remaining once the reaction reached equilibrium after Step 3. The NH3 and HCl would also be available to be reacted with as the solution reached equilibrium. The reaction required the same amount of NH3 but required more HCl to achieve the same effect as in Step 3. 
Part 2: Multiple Equilibria
d) Na2CO3 (aq) 											The solution is colourless. The Na2+ and NO3- ions are causing the solution to be colourless. 
e) 2AgNO3 (aq) + Na2CO3 (aq) → Ag2CO3 (s) + 2NaNO3 (aq) 						When the AgNO3 reacts with the Na2CO3 the solution becomes opaque and a pale yellow-brown colour. A double displacement reaction is occurring and the solution reaches equilibrium. This is the beginning of a series of multiple equilibria.The Na2+ and NO3- ions are causing the colour when they form NaNO3. 
f) 2H+ (aq) + CO3- (aq) ⇌ H2CO3 (s) → H2O(l)+ CO2 (g)The solution becomes translucent and colourless. Based on the molarity of the species involved in the reaction, the reaction is not reversible because the HNO3 has much more effect on the Ag2CO3 and  NaNO3, than those species have on the HNO3. The change occurs because the system has achieved a point of equilibrium in the system of multiple equilibria. The Ag2CO3 and NaNO3  are weak bases while the HNO3 is much stronger. Water is also formed and contributes to the clarity of the solution.
g) 2AgNO3 (aq) + Na2CO3 (aq) → Ag2CO3 (s) + 2NaNO3 (aq) and Ag+(aq) + Cl-(aq) → AgCl(s)		When the HCl is added to the system, a white precipitate forms and the solution remains colourless. The precipitate is AgCl and formed when Ag+ ions from the Ag2CO3 and Cl- ions from the HCl dissociated from the compounds and formed an intermediate compound. The compound is an intermediate because this is another point of equilibrium in the system, which has multiple points of equilibrium all together. 
h) Ag+(aq) + 2NH3(aq) → [Ag(NH3)2]+(aq) and H+(aq) + NH3(aq) → NH4+(aq)				When the NH3 was added to the solution the precipitate dissolved and the solution remained colourless. Ag+ ions reacted with the NH3  to form  [Ag(NH3)2]+ and H+ ions from the HCl added earlier in the reaction also reacted with the NH3 to form NH4+. The NH4 ions and HCl that formed from H+ ions and Cl- ions are responsible for the lack of colour. The HCl and NH4 react to form water and a dissolved salt that increase the clarity of the solution and contribute to the dissolution of the precipitate. 
2. The same changes occur however the volume of precipitate formed is much smaller and its dissolution occurs much more quickly than when Steps 7 and 9 occurred for the first time. 
i) Ag+(aq) + I-(aq) → AgI(s)										The solution becomes opaque and a pale yellow colour. This was the only reaction that had an odour; the odour observed was very strong. The Ag+ ions from the solution and the I- ions from the KI form AgI, which is an opaque precipitate. KNO3 forms from the K+ ions and the NO3- ions, this gives the solution it’s odour. 
j) 2Ag+(aq) + S2-(aq) → Ag2S(s) 									When the Na2S was added the solution became opaque and a dark brown-black colour, with a precipitate forming. The Ag2S is responsible for the colour of the solution and the precipitate. The solution reached the final point of equilibrium. 
Part 3: Buffers
k) The pH was 4.66. This is not what the pH of water is expected to be, the water is therefore acidic. The pH could be different because of exposure to acidic compounds or solutions and there could be dissociated acidic components in the water.
l) When the NaHCO3 was added to the water the pH was 8.25. The NaHCO3 dissociated into Na+ ions and HCO3- ions, which as basic and increased the pH of the water. The HCO3- ion is responsible for the change in pH.
m) The acid is added because it neutralizes the base and brings the pH closer to neutral at 7. In addition to the HCO3- ion NaCl has been created. 
n) When the acid was added the solution aerated and bubbles formed. The bubbles formed when the acid and base reacted because H2CO3 forms, which is an unstable molecule and then decomposes to H2O and CO2, and the CO2 is gaseous. The pH is 7.48, slightly basic. Compared to the distilled water the pH is much higher and therefore much more basic but it is also closer to neutral than the distilled water was at the beginning of the experiment. The solution has a pH close to that of blood, where blood has a pH of 7.35 and the solution had a pH of 7.48.In the solution there is H2O, NaCl, H2CO3, and HCO3- in liquid and aqueous forms and CO2 that escaped in gaseous form. Excluding the water, there is more NaCl and H2CO3 present in the solution. This aligns with the buffer system in place in the human body. The H2CO3 functions as the weak acid buffer and is much more present than any HCO3- in the solution. This is a positive outcome. 
o) H2O(l) +NaCl(aq) + H2CO3 (aq) + C3H6O3 (s) → H2O(l) + NaCl(aq) + CO2(g)				When the lactic acid was added the pH dropped to 7.29. This stimulated acidosis, or when too much CO2 is present in the bloodstream. More bubbles were created, these were bubbles of CO2. 										
p) 2H+ (aq) + CO3- (aq) ⇌ H2CO3 (s) → H2O(l)+ CO2 (g) 						When the stirring rate was increased the pH increased to 7.41, which is in the range of survivability in humans. The pH increase was expected because the increase in stirring allowed more of the CO2 to escape, thereby increasing the pH and making the solution more basic. The equilibrium shifted towards creating more products as the CO2 was allowed to escape the solution.
q) H2CO3 (s) → H2O(l)+ CO2 (g)									When the NaHCO3 was added to the beaker the pH increased to 7.57 and more bubbles of CO2 were present. The NaHCO3 dissociated to Na+ ions and HCO3- ions and the HCO3- formed H2CO3 with other H+ ions.
r) When the excess NaHCO3 is added the pH increased further to 7.88. There were bubbles present in the solution. When the first 0.5 g of NaHCO3 was added the body would have been suffering from alkalosis and when the second 0.5 g was added the body would be dead. 
s) 2H2O(l) + CO2 (g) ⇌ H2CO3 (aq) + H2O(l)⇌ HCO3-(aq)+ H3O+(aq) 					The pH of the solution was 7.47, which is within the normal limits of the human body. CO2 vapour was released and when the vapour escaped fewer bubbles remained after the vapour finished being released. The dry ice reacts with the solution and dissolves. With the excess of  CO2 present in the solution the equilibrium shifts to create more products, which are more acidic than the CO2.
t) The pH was 7.52. There were no bubbles produced and the solution remained calm. The pH increased because of the NH4+ ions that came from the NH4Cl that dissociated. The equilibrium shifted to produce more reactants, which were also more basic. 

Questions
1. 
a.  HCl is a strong acid, and an acid as strong as HCl would not work as a buffer. Since NH3 	is a much weaker acid, it works better as a buffer.
b. The NO3 and the I have acid/base properties which is not wanted in this particular reaction as what is wanted is only the NH4. The Cl does not have such properties and such is better for the reaction.
2. Every time a substance was added to the beaker, the pH was observed to 	change either increasing or decreasing.
3. Acidosis would result in the hemoglobin in one's’ body’s ability to transport oxygen to become significantly hampered as the acidity would make it so the hemoglobin could not transport oxygen as efficiently as needed. This can lead to buildups of CO2 in the body causing sickness or death if serious enough.
4. The colour of the leftmost beaker is a result of the blood spreading through the beaker as the regular water would not cause a chemical reaction. No reaction would occur as the substances are very similar already, blood being not to far off from the pH of water and being made up of lots of water itself. The colour of the rightmost beaker is a result of the HCl reacting with the blood.
5. Soda pops generally contain multiple different types of acids. Some generally found in sodas include carbonic acid (a weak acid) and 	phosphoric acid (a stronger acid). There are not any bases in soda so the only thing affecting the pH of the soda is the acids. Since the carbonic acid is weaker (a higher pH) than other acids present it causes an average increase in pH despite it still being an acid. As a soda goes flat, the carbonic acid decomposes and CO2 escapes. Although the acid ‘left’ the drink, because of how weak it was in comparison to other present acids, its absence leaves only stronger acids left, making the final result more acidic, thus giving flat soda a lower pH than fresh fizzy soda.
6. When 	a chicken gets hot, it pants to regulate its bodily temperature. If 	a chicken finds itself in constant heat, the buffers in its blood will use themselves up faster due to the increase in respiratory action. Since their egg laying relies on carbonate (something that is used to control pH during respiration) to make egg shells, an overheating chicken will lay less eggs than a chicken at optimal temperature due to an overheating chicken not having enough readily available carbonate in their body to create egg shells.

Discussion
Throughout the whole of this experiment, three smaller sub-experiments were conducted. The first (examining equilibrium shifting) consisted of mixing CuSO4, NH3 and HCl together in various steps in order to observe the mixtures equilibrium shift from one side to another. Beginning with CuSO4 the color started off as a blue transparent liquid. Once NH3 was introduced, the mixture changed to a dark purple/blue colour. Finally, once the HCl was added, the mixture changed to a much lighter blue colour. In repetition of previous steps, the mixture could be observed changing between the dark purple/blue and light blue colours as the addition of extra substances shifted the overall mixtures equilibrium from one location to another.

In the second sub-experiment (concerning multiple equilibria) we observed multiple colour changes as different substances were added. Starting with clear colourless Na2CO3, the addition of AgNO3 resulted in the mixture changing colour to an opaque yellow-brown mixture. The experiment followed with addition of HNO3 (changing the mixture to translucent colourless liquid), HCl (changing the mixture to opaque white with precipitate forming), KI (changing the mixture to an opaque yellow different from the previous yellow-brown) and finally the addition of Na2S (changing the mixture to a black-grey opaque liquid with some precipitate formed). Through the mixture of these substances, it was observed that each substance brought the overall mixture to varying states of equilibrium. Unlike with the previous sub-experiment where the equilibrium shifted between the same two equilibriums, this experiment shifted between many different equilibriums.

In the final sub-experiment (concerning buffers) we observed and measured the changes of pH with a pH probe. In this experiment we examined how different substances being added to the mixture changed the overall pH of the mixture (For details of pH in this sub-experiment see observations). This experiment served to imitate what the human body does when there is a pH imbalance in the blood. In real life the body releases buffers into the blood to fix these imbalances and this experiment imitated this by adding acids and bases into a mixture to change the pH from over pH to under pH as to see how these changes occur.




Conclusion
The equilibrium shifts from the first part of the experiment showed that once an equilibrium has been established it can still be shifted by repeating the steps. Establishing the equilibrium puts the solution at a point where any changes to the solution will shift the equilibrium according to Le Chatelier’s principle. When the experiment was repeated with the original solution present the original results were obtained however the reactions were smaller than original because the equilibrium is shifting, not being established.


After the equilibrium of the second experiment then all following additions to the solution shifted the equilibrium instead of re-establishing it. The equilibrium was shifted after each compound was added to the solution. Depending on how to solution reacted to each compound, the equilibrium shifted to form more products or reactants based on what was consumed in each following reaction. 

When simulating blood in the human body it was shown how fragile the blood is and how the body responds to stimulus. It also demonstrated how the equilibrium of blood changes as compounds and treatments are considered. 

Reference:
 Myers, Richard, “The Basics of Chemistry”, Chapter 12 and 13, Greenwood Press, Pages 139 -169, 2003.
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