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Introduction

Solubility equilibrium is a dynamic equilibrium. This is when a solid compound is in equilibrium with its solution. In other words, the rate at which the solutions components dissolute is equal to the rate at which the precipitate is formed. Solubility is the ability of a certain solute to dissolve in a solution, it is measured by the equilibrium constant of dissolution. Le Chatelier’s principle states that a new equilibrium of a given reaction will be established if there is a change in temperature, pressure or a concentration of reactants/products. The enthalpy (ΔH) of a reaction measures the flow of heat in a given reaction. If enthalpy is positive, the reaction is said to be endothermic, and if it is negative, it is exothermic. If dissolution of a compound is endothermic, the excess supply of heat will shift the equilibrium and increase the solubility of the compound. If the reaction is exothermic, then the increase in temperature will decrease solubility and produce more precipitate.

Endothermic dissolution:			A(aq) + B(aq) ⇌ AB(s) + heat
Exothermic dissolution:			heat + A(aq) + B(aq) ⇌  AB(s)
This reaction was performed at room temperature, so temperature increase or decrease did not play a major role in the solubility equilibrium. This effect does however, further solidify the concept of Le Chatelier’s principle ( Kenausis. Evers, Kraus, 1983)

Common-ion effect is when the equilibrium of a reaction is disturbed when a substance that adds an ion, that is already present in the solution. This results in an increase of concentration of the common ion, which pushes the equilibrium into the opposite direction. In the case of a simple dissolution, the common ion effect will shift the equilibrium to produce more precipitate. In this reaction many of the solutions added, shared an ion already present, this further enhanced the shift of the equilibrium (Harwood, William, Herring, Madura, Petrucci, 2007.)

As mentioned before equilibrium is a dynamic state. This state refers to when the rate of reaction of reactants to form products is equal to the rate of reaction of products to form reactants. This stage doesn’t mean that the reaction stops, instead it notifies that any extra product formed is not guaranteed to remain in the form of the product, and could be converted back to reactants. Sometimes the equilibrium will favour the products, though most reactions tend to not to favour the formation of products. It is important to know how to affect the outcome of a reaction by determining when a reaction will reach equilibrium using the equilibrium constant equation:

aA + bB ⇌ cC + dD.	[1]

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

Using this formula, it can be determined when the reaction favours products and when the reaction favours reactants. When the equilibrium constant is large the production of products is favoured because there is a higher concentration of products than of reactants. When the equilibrium constant is small, the production of reactants is favoured. reactants. 

Le Chatelier’s Principle states that the reaction will always move in the direction that has the least effect of any change imposed on a system at equilibrium. In other words, the reaction equilibrium will shift to ensure that the environment of that reaction is kept constant.

pH is a value expressing the acidity or alkalinity of a solution on a logarithmic scale called the pH scale which is defined as: 
pH = -log[H+(aq)]

7 on the pH scale is considered to be neutral. Anything below 7 is considered acidic, and values above 7 are considered basic. 

A buffer is a solution that resists pH change when acidic or basic components are added. A buffer can keep the pH of a solution relatively stable by neutralizing the small amounts of added acid or base. The human body uses a buffer system in the blood, meaning that the buffer system is what keeps the human body at a stable pH. The human body has an ideal pH level between 7.35 and 7.45. When the body has a pH below 7.35, that is known as acidosis. The opposite of acidosis is alkalosis, when the body has a pH above 7.45. The chemical buffer system in the human body is compromised of three spate buffers; a carbonate/carbonic acid buffer, a phosphate buffer, and a plasma protein buffer. An acid and its conjugate base are the only species that can be present in a solution without reacting with one another. In order to create a buffer, you need to have an appropriate amount of both the acid and its conjugate base in the solution.  
The blood buffer in the human body contains a certain amount of the bicarbonate ion (HCO3-) in as high of a ratio as 20:1 since there are more metabolic acids produced in the body than metabolic bases. The overall reaction for the buffer in the human body can be defined as: 

2H2O(l) + CO2(g)  ⇌ H2CO3(aq) + H2O(l) ⇌ HCO3-(aq) + H3O+(aq)

This buffer is connected with the respiratory system since CO2 is formed in the reaction. The metabolic acids that are produced are neutralized by the higher concentration of the bicarbonate ion in the buffer. Since fewer metabolic bases are produced, the smaller amount of carbonic acid in the buffer is sufficient. 

Procedure

As described in the lab manual (Equilibria, Dr. Rashmi Venkateswaran, 2017, Exp. 3, p. 1)

Observations/Discussion 

Part One 
[Cu(H2O)4] 2+ (aq) + 4 NH3 (aq) ⇌ [Cu(NH3)4] 2+ (aq) + 4 H2O (l)  [1]

Equilibrium Shift  
 



a) 
Observations 
CuSO4(aq) : Light blue (turquoise) solution
      Transparent solution



Discussion
The Cu2+ (aq) surrounded by water: [Cu(H2O)4] 2+, causes the light blue (turquoise) colour of the solution.

b)
Observations
NH3(aq) : Clear solution 
              Strong odour
	  Transparent

A dark blue-purplish solution was seen after addition of NH3(aq) to the CuSO4(aq). 

Discussion
The SO42- (aq) , H2O and [Cu(NH3)4] 2+(aq) are the three major products of the reaction between CuSO4(aq) and NH3(aq). SO42-(aq) is a spectator ion, while H2O is colourless, so this deep blue colouration is caused by the [Cu(NH3)4] 2+(aq) ion.

c)
Observations
HCl(aq) : Clear
	  Transparent
	  No noticeable odour

The addition of HCl to the solution created a cloudy light blue (turquoise) solution.

Discussion
The [Cu(NH3)4] 2+(aq) is a highly polar bond and so will dissociate in the aqueous solution. The NH3 (aq) is a strong base while HCl is a strong acid, and so an acid-base reaction will occur: deprotonating HCl into Cl-, and protonating NH3 into NH4+. Since Cl- is more electronegative than Cu2+, it will be attracted to ammonium ion creating a salt: NH4Cl, this causes the cloudiness of the solution. The [Cu(H2O)4] 2+(aq) causes the light blue (turquoise) colour. This colour is seen at the beginning of reaction (observation a). 

In step 4, the same observations are seen. This is because very similar mechanisms occur (reactions) creating the products that cause the same physical changes to the solutions.

Part 2
2AgNO3 (aq) + Na2CO3 (aq) ⇌ Ag2CO3 (s) + 2 NaNO3 (aq)	[2]

Multiple Equilibria
*There are many sources of the respective ions, within each sub reaction, but only the sources in the previous reaction will be considered for the discussions.
*No crystals of precipitate were observed, this is because the solutions were not supersaturated, and no solid was introduced to initiate precipitation. 

d)
Observations
Na2CO3(aq) : Clear and transparent solution

Clear solution with a very slight blueish hue.

Discussion
The test tube contained very small amounts of a light blue solution, which may have caused the blueish hue to the Sodium carbonate solution. Aqueous Sodium Carbonate contains Na+(aq) and CO32-(aq) ions, and neither of these ions are known to display a specific colour.

e)
Observations
AgNO3(aq) : Clear and transparent solution
	        Colourless

At first contact, the solution turned cloudy with a blueish/gray hue.

Discussion
Silver nitrate dissociates into Ag+(aq) and NO3-(aq), and react with the previously mentioned dissociate ions of sodium carbonate (discussion d.) The cloudiness and grey appearance of solution may have been caused by the Silver nitrate formed, because it is poorly soluble in water and maybe have been suspended within solution. The blueness may have been the result of the previously present solution.

f)
	2 H+ (aq) + CO3 2- (aq) ⇌ H2CO3 (aq)  H2O (l) + CO2 (g)		[3]

Observations
HNO3(aq) : Clear, transparent and non-pungent solution. (strong acid)

Solution became cloudy on 1st drop of acid, then became white on 2nd drop of acid.



Discussion
The hydronium in the equation 3, is provided by the nitric acid, while carbonate ion is being provided by the aqueous Silver carbonate, or the Sodium carbonate. The acid-base reaction between carbonate ion and hydronium produces Carbonic acid. The latter is a weak acid and breaks down into water and Carbon dioxide. This should result in a clear solution, but some of the precipitate (Ag2CO3) dissolves in water, releasing the Ag+(aq) resulting in a white-ish solution. The acid-base reaction for eq3 is reversible but the breakdown of carbonic acid into water and Carbon dioxide is not. 

g)
Ag+ (aq) + Cl- (aq) ⇌ AgCl (s)	[4]

Observations
After 15-20 drops of HCl(aq) the solution turned milky white, and cloudy
Bubbles were observed at bottom of test tube

Discussion
The silver ions source may also have been AgNO3, which was created in observation f. The HCl(aq) was deprotonated to provide hydronium to eq 3 resulting in more production of CO2 due to Le Chatelier’s principle, this created the bubbles at the bottom of test tube. .Cl-(aq) for eq.4 were also provided by the deprotonation of Hydrochloric acid. The reaction shown in Eq4. created Silver chloride precipitate, which caused the white colour (Ag+) and the cloudiness of solution. 

h)
[bookmark: _Hlk496195252]Ag+ (aq) + 2NH3 (aq) ⇌ [Ag(NH3)2] + (aq)	[5]

Observations
 After 10 drops of NH3(aq) the solution turned very clear.

Discussion
Since no solid precipitate was observed at the bottom of the test tube in observation g, it can be assumed that a relatively large amount of AgCl dissociated in water, creating silver and nitrate ions. This silver cation reacted with ammonia to produce [Ag(NH3)2] +(aq) complex. The latter was responsible to the transparent (colourless) solution as majority of Ag+ is now bonded and not suspended in solution. 

2. H+ (aq) + NH3 (aq) ⇌ NH4 + (aq)		[6]
The acid-base reaction is neutralised with similar reults (mechanisms) and the formation of a salt and water.

i)
Ag+ (aq) + I- (aq) ⇌ AgI (s)	[7]
Observations
KI(aq) : is a yellowish, clear solution

After 1 drop of Potassium iodide solution, the solution within the test tube turned a cloudy pale yellow colour.

Discussion
[Ag(NH3)2] +(aq) ion provides the silver cation while KI(aq) provides the Iodide anion. The latter has a yellowish hue to it, causing the pale colouration of solution. The precipitate may also be responsible for the colour observed and the cloudiness of solution

j)
2Ag+ (aq) + S2- (aq) ⇌ Ag2S (s)	[8]


Observations
Na2S : a reddish brown and dense solution

After 1 drop of sodium sulfide, the solution turned a cloudy brown colour (muddy.)

Discussion
One of the sources for silver cation is the slightly dissolved AgI (aq), the source for sulfide anion is from sodium sulfide. The latter cation causes the reddish-brown colouration in the solution, while the cloudy appearance may be due to the precipitate. 
Part 3
*In this section protons=H3O+ are used interchangeably
	2 H2O (l) + CO2 (g) ⇌ H2CO3 (aq) + H2O (l) ⇌ HCO3 - (aq) + H3O+ (aq)	[9]
k) 
Observations
 pH = 4.44

Discussion
No, it was expected to be closer to 7, implying that water is neutral. The actual pH shows that distilled water is acidic. Distilled water is pure and does not contain impurities, which normal water (ex: rain water) does contain. Theses impurities may influence the pH of the water.

l)

Observations
NaHCO3(aq) : is a clear transparent solution
NaHCO3(s) :White crystals
Mass of NaHCO3(s) = 2.52g
pH =8.31

Discussion
NaHCO3(aq) 	Na+(aq) + HCO3-(aq)
H2O(l) + H2O(l) ⇌ H3O+ (aq) + OH-(aq)
The dissociation of Sodium bicarbonate dissociates to release the bicarbonate ion. This ion isa strong base, as it is the Conjugate base of a weak acid (refer to eq 9.) Bicarbonate will readily deprotonate the hydronium ion (H+) to produce carbonic acid.
 pH is a measure of the amount of H+ in a solution, when the carbonate ions ‘takes’ these protons from solution, the pH increases. It is inversely proportional to the concentration of H+ in a solution.


m)

Observations
Volume of HCl = 30ml
No physical change in the appearance of solution

Discussion
The acid is added as a source of protons. This will increase the concentration of H+ and the HCO3- will react to produce carbonic acid. 

n)
Observation
pH = 7.30
Bubbles are seen at bottom of beaker

Discussion
According to Le chateliers principle, this reaction (eq9) will shift to the left due to the influx of protons provided by the hydrochloric acid. This will result in the production of carbonic acid, which will dissociate into water and Carbon dioxide. The increase in H+  is the reason for this decrease in pH. Many of these protons are being utilised to react with HCO3- to produce carbonic acid, but the water will react itself to produce more H+ ions, keeping the system constant. The pH of distilled water was 4.44, while the range of Ph for blood is 7.35-7.45. 
H2CO3, H3O+(aq) , HCO3-(aq), H2O and CO2. Are present in solution. No, the solution is relatively neutral and so, the species should be somewhat equal amounts. Yes, we want a constant number of H+ in solution, which can be done when equal amounts or a constant amount of other specie is being produced when at equilibrium.
o)
Observations
Volume of C3H6O3 (aq) = 10ml
pH = 7.25
No physical change is observed

Discussion
The addition of lactic acid stimulates the neutralisation of the lactic acid produced by the muscles. It is broken down into H3O+(aq) . 

C3H6O3 (aq) ⇌ C3H6O3-(aq) + H+(aq)
The equilibrium of Eq9 is shifted to the left, due to the excess protons, within the solution. This produces more water molecules that can react to release even more protons in addition to the protons being provided by the lactic acid, and hence increase proton concentration and so pH.

p)
Observations
pH=  7.31

Discussion
The excess stirring results in a decrease in the concentration of Carbon dioxide, which shifts the equilibrium to the right, without any external source of H+ protons (ex: an acid), the concentration of these protons will decrease even with the excess water being produced. This depletion is the result of the increase in pH of the solution.
The shift of the eq 9 equilibrium is due to le Chateliers principle, and its attempt to maintain a constant environment.

q)
Observations
Mass of NaHCO3(s) = 0.5g
pH = 7.35
No physical changes to solution were observed

Discussion
Sodium bicarbonate introduces the bicarbonate ion, which is a strong conjugate base of the carbonic acid. It’s influx will shift equilibrium to the left and produce more carbonic acid as well as water and carbon dioxide. Water ions well react to produce hydronium ions, in an attempt to replenish the loss of the protons used by the bicarbonate ion. Since there is no external source of protons, in the presence of increase in the concentration of the base, the pH will increase as the proton concentration will decrease.

r)
Observations
No physical changes in the solution are observed
pH = 7.40

Discussion
Similar mechanism as that of step q, occur. The equilibrium shifts due to Le Chateliers principle, and the proton concentration decreases eve further resulting in an excess increase of pH. 
In the experiment the pH observed is in the normal range of blood pH : 7.4, and so the body is not in any serious condition. BUT if there was even further increase in pH then the body would be suffering from alkalosis.

s)
Observations
pH = 7.38
As the dry ice contacts solution, thick, white mist is seen bubbling out of the beaker

Discussion
Dry ice the solid form of CO2, it goes under sublimation when in contact with solution, it cools the surrounding water vapour and they condense to form the thick mist. The addition of dry ice allows for CO2 to be in excess and this shifts the equilibrium to the right, creating more bicarbonate ions and protons. The increase in proton results in a decline in pH.
t)
Observations
Mass of NH4Cl = 0.4g
pH = 7.36
No physical changes are observed in solution
Discussion
Sodium chloride is a weak acid and so it dissociates in water and is a aource of H+ ions. This influx will shift the equilibrium to the left side of equilibrium (eq9), producing more water and carbon dioxide. Water reacts to release hydronium ions. And along with the proton source (sodium chloride), the concentration of protons increases resulting in a decrease of Ph
Questions
1. a. The ammonium ion is used as the acid source instead of HCl because the ammonium ion is a weak acid. It is able to lower the blood pH back to normal without causing harm, whereas HCl is a strong acid and if we were to use a strong acid to try and lower the blood pH, it would lower it too much causing acidosis to occur. 

b. NH4Cl is used instead of some other ammonium compound because the stomach acids main component is HCl, meaning that Cl- is of greater use. Chlorine ions are also smaller which makes them more efficient to transport through the bloodstream. 

2. Each time an acidic substance was added to the beaker, the contents inside the beaker became cloudy (opaque). After the two substances have been mixed together and the solution became opaque, the system reached dynamic equilibrium. Once these systems reach equilibrium the reaction rates equal each other. For instance, the forward reaction is equal to the reverse reaction. With this information, we can state that when the concentration of the products and reactants are the same, the reaction is complete. 

3.When the pH is significantly less than 7.35, it is known as acidosis.
HbH+(aq) + O2(aq) ⇌ HbO2(aq) + H+(aq)

Acidosis increases the concentration of H+, lowers the pH, and forces the equilibrium position to the left according to Le Chatelier’s principle. The reduction in the supply of oxygen to the cells causes headaches and tiredness. The bicarbonate system in the blood is the most important system that can be represented by the equation: 
CO2(aq) + 2H2O(l) ⇌ H2CO3(aq) + H2O(l) ⇌ H3O+(aq) + HCO3-(aq)

There is a higher concentration of CO2 in tissue cells, so the equilibrium position moves to the right. In the lung’s there is a lower concentration of CO2 thus making the equilibrium position shift left and causing the CO2 to be released. 

4.Deoxygenated blood is a dark reddish black colour, whereas oxygenated blood is a bright red colour. So, when the HCl was added to the blood, it formed H3O+ ions. These ions had a deoxygenating effect as the O2 was not attached to the Hb (hemoglobin) molecules, and instead were attached to the hydronium ions that were present in the water.

5.The pH of the flat soda should be higher than the fresh soda, but it would raise only slightly so not a drastic amount. For instance, it should be slightly higher because fresh carbonated soda contains higher concentrations of carbonic acid. Carbon dioxide (CO2) has a tendency to leave any liquid. When the soda becomes flat, that means that the carbon dioxide that was once dissolved into the soda, has left through the surface of the liquid as a gas. Carbon dioxide is not very acidic itself, which would only cause the pH of the flat soda to raise a slight amount. 

6.A chicken panting has no effect on the pH of their blood, or the strength of their eggshells. When animals pant, it is not hyperventilation that would occur when humans hyperventilate. When humans hyperventilate, they are exhaling more carbon dioxide than normal. Were as when animals pant, it causes them to take very shallow breaths, so the CO2 and O2 levels do not change drastically.  Since the CO2 and O2 do not change very much when animals pant, this does not affect the pH of a chicken’s blood, or the strength of their eggshells

Conclusion
The purpose of this experiment was to determine how equilibriums are affected by changes in temperatures, the preparation of a buffer, how equilibrium shifts and how multiple equilibria works.
2AgNO3 (aq) + Na2CO3 (aq) ≈ Ag2CO3 (s) + 2 NaNO3 (aq)
Adding AgNO3, and because of le Chatelier’s principle, there must be a removal of AgNO3 which results in favouring the forward reaction and going to the product side. HNO3 dissociates and take the H+ ions from the nitrate acid and the CO3 2- ions from the Ag2CO3 that was formed as a precipitate from the previous equation. When an acid HNO3 is added to a carbonate Ag2CO3 then the resulting products should be a salt, water and CO2. Adding HCl to the previous reaction, which will lend the Cl- ions to react with the Ag+ ions in the salt AgNO3 which formed as a precipitate in the previous reaction. This new reaction now forms the new precipitate of AgCl. Because there is an increase in the Cl- ions by adding the HCl to the reaction, by le Chatelier’s principle, it must mean that the addition of Cl- ions, means that there must be a removal from the reactants side to form the product of AgCl. Adding NH3 to AgCl from the previous equation forms the new complex of [Ag(NH3)2] + . Adding KI to the previous reaction, to obtain the I- ions and reacting it with the [Ag(NH3)2] + compound to obtain the Ag+ ions. Reacting these two forms the new complex AgI. Adding N2S to the previous reaction to obtain the S2- ions and combining it with the Ag+ ions from the AgCl complex that was formed. Preparation and testing of a buffer solution: CH3COOH (aq) + H2O (l) ≈ H3O+ (aq) + CH3COO- (aq) According to this reaction and to Le Chatelier’s principle, the addition of OH will predict a shift to the right because of its reaction with H3O+ , forming H2O. The amount of CH3COO- should therefore increase and the amount of CH3COOH should decrease. The addition of H3O+ from a strong acid to the buffer system causes the equilibrium to shift left; therefore, the H3O+ combines with the base to form more acetic acid. As a result of the addition, the amount of CH3COOH increases and the amount of CH3COO- should decrease.
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