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Introduction

	A main concept that is crucial in the fundamentals chemistry is knowledge surrounding the theory of equilibrium and acids/bases. 
Equilibria is a dynamic state which can favour either the products or the reactants, however once a reaction has reached the point of equilibrium, the rate of forward reaction is equivalent to the rate of the reverse reaction. You can calculate an equilibrium constant using the formula below.
K=([C]c[D]d)/([A]a[B]b)for a chemical equation of the form aA + bB → cC + dD, where a, b, c, and d are the coefficients and A, B, C, and D are the substances involved in the reaction. 
	Sometimes a series of different equilibria reactions related to one another are present. These are known as multiple equilibria. 
A buffer system is when a solution contains a certain amount of acid or base that has a significant amount of conjugate base or acid with the solution, to aid in maintaining stable pH levels, with minimal change. The buffer solution in this experiment is a simulation of a metabolic reaction.
pH is a method to measure the acidity or alkalinity of a substance/solution. 7 is neutral, the more below 7 the pH level is, the more acidic it is, and vice versa. The pH scale is a logarithmic scale, the formula for finding the pH is below.
pH= -log[H+(aq)]
This formula is generally used as the acidity depends on the concentration of H+ ions, however another formula can be used for the basic OH- ions, Kb, and Ka which is below, for any term X.
pX= -logX
The common ion effect is when an ion is added to a solution is already in the solution, leading it to not dissolve as much as it would without the common ion being there. 
Chatelier’s Principle determines which side a chemical reaction is shifted towards to reach equilibrium. The effect of temperature that can shift the direction of a reaction to re-achieve equilibrium. The direction depends on if the reaction is endothermic or exothermic. If the reaction releases heat, and has heat added, it will shift towards the side that absorbs the heat, and vice versa.
[bookmark: _GoBack]The limitations of this lab include the measurements taken of all of the acids and bases. Their concentrations may not have been as precise as indicated. The H2O in part 3 had a very low pH level compared to pure H2O which is around 7, due to it coming from the sink tap and not being pure.
The system is not isolated, and is released to many universal effects such as temperature. Temperature can create an equilibrium shift in direction of an endothermic or exothermic reaction. When using CO2 pellets, the reaction was endothermic and the reaction along with others would have shifted from the warmer room temperature.


Safety Precautions

· Ensure eye protection is worn at all times
· Take precautions as to not spill any of the substances on the skin as they may be corrosive. If a corrosive substance is spilled, clean up immediately by rinsing thoroughly with water

Materials

	· 0.1 M and 1.0 M HCl
· 0.1 M CuSO4
· 0.1 M Na2S
· 0.01 M AgNO3
· 0.1 M Na2CO3
· NaHCO3
· 0.85% lactic acid
· NH4Cl
· 0.1 M KI
· Concentrated NH3
· 6.0 M HNO3
	· Test tubes
· Scoopula
· Stir plate
· pH probe
· Magnet
· Test tube racks
· 150 mL and 250 beakers



Procedure

Part One:
1. Obtain a clean test tube and add approximately 1 mL (20 drops) of 0.1 M CuSO4.
2. Add concentrated NH3 solution into the test tube one drop at a time until a change is observed.
3. Add 1.0 M HCl one drop at a time until change is observed.
4. Repeat steps 2 and 3 and note down all observations.
Part Two:
1. Obtain another test tube and place 0.5 mL of 0.1 M Na2CO3.
2. Add 0.5 mL of 0.01 M AgNO3 to the test tube.
3. Add 6.0 M HNO3 one drop at a time until a change is observed. 
4. Once the solution has turned clear, add 0.1 M HCl one drop at a time until a change occurs. Note down all observations.
5. Add NH3 one drop at a time until a change occurs.
6. Repeat steps 7 and 9 and record all observations.
7. Add 0.1 M KI one drop at a time until change occurs.
8. Dropwise, add 0.1 M Na2S until change occurs
Part Three:
1. Obtain a 150 mL beaker and pour 100 mL of distilled water. 
2. Place the beaker onto a stir plate, insert the stir bar and create a small vortex in the beaker by slowly turning the stir plate.
3. Insert the pH probe in the water such that it does not hit the probe and wait a few minutes.
4. Add 2.5 g of NaHCO3 into the beaker. Allow the solution to stir till the salt dissolves.
5. Add 30 mL of 0.1 M HCl to the beaker.
6. Obtain 10 mL of 0.85% lactic acid and add to the beaker.
7. Increase the rate at which the solution is being stirred to stimulate raising blood pH
8. Add approximately 0.5 g of NaHCO3 to the beaker.
9. Add another 0.5 g of NaHCO3 to elevate blood pH levels.
10. Add a pellet of CO2 (dry ice) to stimulate slow respiration in the body.
11. Add approximately 0.4 g of NH4Cl to the beaker.
12. Once the experiment is finished, rinse all pipettes with water, discard all solutions in the waste container, discard silver solutions in “silver wastes” and clean the bench.
























Observations 

Table One: Observations made for Part A of the lab

	Substance/Stress Added
	Colour Change

	1 drop of NH3
	- Dark blue 

	8 drops of HCl
	- Turned cloudy blue, not as pale blue

	1 drop of NH3
	- Turns back to dark blue

	20 drops of HCl 
	- Turned cloudy light blue



Table Two: Observations made for Part B of the lab

	Substance/Stress Added
	Colour Change

	Initial- Na2Co3
	-clear

	AgNO3
	- Light dusty brown

	3 drops of HNO3
	- Solution turns clear

	5 drops of HCl
	- Solution becomes cloudy

	7 drops of NH3
	- Solution turns clear

	More HNO3
	- Steam/gas formed. Test tube heats up

	More NH3
	- Steam disappears

	4 drops of KI
	- Solution turns white and cloudy

	1 drop of Na2S
	- Solution turns into a cloudy gray colour






















Table Three: Observations made for Part C of the lab

	Stress Added
	Initial pH
	Final pH
	Qualitative Observations

	2.51 g of NaHCO3 
	4.54
	8.18
	- pH spikes exponentially; salt gathers at the bottom, but slowly rises and dissolves

	30 mL of HCl 0.1 M 
	8.18
	7.33
	- Bubbles around pH probe; bubbles on stir magnet

	10 mL of 0.85% lactic acid
	7.33
	7.26
	

	Increasing the rate at which the solution is stirred
	7.26
	7.34
	- Less bubbles observed, escaped from beaker

	0.50 g of NaHCO3
	7.34
	7.45
	

	0.50 g more of NaHCO3
	7.45
	7.54
	

	CO2 pellet added (dry ice)
	7.54
	7.21
	- Bubbles decrease inside the beaker; opaque , white gas formed

	0.4 g of NH4Cl
	7.21
	7.20
	



Discussion
Part 1: Equilibrium Shift
A) The colour observed for the solution of CuSO4 was light blue. The ion that causes this colour to occur is copper, which has a blue/green colour. When the CuSO4 comes in contact with water, the orbitals raise in energy. This increase in energy is the same as that of the wavelength of a blue light, so when the energy is released back to the lower orbitals, it gives off a blue light. 

B) When concentrated NH3 was added, the solution turned into a dark blue colour. 
[Cu(H2O)4]2+(aq) + 4NH3 (aq) ⇌ [Cu(NH3)4]2+(aq) + 4H2O(l)
The ion that causes this colour change is the  [Cu(NH3)4]2+(aq) ion. This copper ammonia ion is a dark blue, so it turns the overall solution to a much darker colour. 

C) When the strong acid HCl was added to the solution, it dissociates in it and turned it into a cloudy light blue colour, that is similar to the initial solution however not exact. This is expected because it is a strong acid and will not need a large amount to ionize the solution. The ion that does this is the NH4+ ion that is a product of the H+ from HCl and the NH3. The equilibrium shifts towards the products when more reactant is added and caused this to occur. 

1) When repeating steps 2-3, it demonstrated a prime example of an equilibrium reaction taking place and similar observations and shifts in equilibrium occurred as expected. When NH3 and HCl initially reacted, it caused the solution to turn a cloudy pale blue colour. When more NH3 was added after this, the equilibrium shifted back to the reactants and the dark blue observed before the HCl was added. Again, when more HCl was added, it turned back to the cloudy pale blue that was seen before. So this serves as an example of a reversible reaction. 








Part 2: Multiple Equilibria

D) The solution Na2CO3 is clear when it is first placed into the testing tube. 

E) AgNO3 was the added to the NaCO3 turning it into a light dusty brown colour. This portion of the experiment is represented by the equation: 2AgNO3 (aq) + Na2CO3 (aq) ⇌ Ag2CO3 (s) + 2 NaNO3 (aq). When reacting with one another, it turns into Ag2CO3(s). This would be the reasoning behind the cloudiness in the products. The colour change would be formed by the NaNO3 portion in the products. The NO3- ion is the cause that the colour. 

F) The solution went back to its original clear state when more HNO3 was added into the test tube. This reaction is reversible. This can be inferred since it is very commonly known that elements that are not stable can constantly act switch between and reactant and product since it never gets fully consumed. The products and reactants in this equation can be reversed if needed and will continue to do so until an equilibrium is reached. 

G) HCl was added and caused it to turn cloudy. Another reaction in this system underwent change where the products and reactants all changed again. This introduces the idea of multiple equilibria since an extra stress is being added into this system. 

H) The drops of NH3 being added causes the solution to return to a clear colour. The reaction for this is known to be Ag+ (aq) + 2NH3 (aq) ⇌ [Ag(NH3)2] + (aq). The ion that would have altered the colour of this solution is the H+. 

2) When steps 7 and 9 are repeated for part two of the lab, the changes that occur are different from before. This time a gas appeared and the solution got slightly warmer. 2 H+ (aq) + CO3 2- (aq) ⇌ H2CO3 (aq)  H2O (l) + CO2 (g). The visible gas released is inferred to be CO2 gas. However, adding more NH3 had the same effect as before. It caused the solution to return to a transparent, clear  solution once again. This emission of gas was released due to this new reaction trying to reach equilibrium. Excess CO2 gas was released as a result of this multiple equilibrium reaction. 

I) KI made it white and cloudy. The reaction for this is  Ag+ (aq) + I- (aq) ⇌ AgI (s). The product for this is in a solid state also known as precipitate which accounts for the cloudiness seen.  

J) Na2S made it some cloudy grey colour. 2Ag+ (aq) + S2- (aq) ⇌ Ag2S (s). Since the N+ is just a spectator ion, only the sulfur reacts. The product is also a solid which would produce a precipitate which accounts for the cloudiness. 





















Part 3: Buffers
K) The pH of water is 4.58. It was expected to have a pH level of 7, however it was not. The water used in this experiment was collected from the tap and was not filtered. This means that impurities within the water like chlorine or iron, changing the pH from a neutral 7 to a acidic 4.58. 

L) The pH level is raised exponentially to 8.18 once NaHCO3 is added to the H2O. The reaction that caused this pH to happen is below. The ions responsible for the pH change are the H3O+ ions, due to the H2O receiving a proton from NaHCO3.
NaHCO3 + H2O ⇌ NaCO3- + H3O+

M) The acid HCl almost completely neutralizes the solution. HCl represents acids that are released in the human body, but are then neutralized from behaving like a buffer and releasing CO2. 
NaHCO3(s) + HCl → CO2(g) + H2O(l) + NaCl(aq)

N) A chemical reaction occurs and creates bubbles, this happens because CO2 was created in the reaction. Which makes the pH level lower from 8.18 to 7.33 when the CO2 is released. The pH level of distilled water is 7, which means the solution is only slightly more basic. The pH of blood is 7.35, which is nearly the exact same level. This was the anticipated results because it demonstrates the buffer in the human body functioning properly throughout the chemical reactions to receive a very similar blood pH level. The species in the solution is Na+ and Cl-.

O) The solution lowers from 7.33pH to 7.26pH when adding 10 mL of 0.85% lactic acid. This represents the lactic acid that is released from muscles and organs into the blood, and is in the region of acidosis (less than 7.35pH) for the human body.

CH3CH(OH)COOH(aq)+H2O⇌H3O+(aq)+CH3CH(OH)COO(aq)-

P)  The pH of the solution will increase with stirring, simply because it increases the number of bonds made in the chemical reaction in the time given between the acids and bases and will release more CO2 bubbles. This is expected as creating CO2 will cause the equilibrium shift and raise the pH level when it is released.
2H2O(l)+CO2⇌H2CO3(aq)+H2O(l)⇌HCO3-(aq)+H3O+(aq)

Q) The pH of the solution when adding 0.50g of NaHCO3 raises from 7.34 to 7.45. The equilibrium constant favours the reactants less than the products, making it a good buffer.
NaHCO3+H2O⇌NaCO3++H3O-

R) The pH of the solution when adding another 0.50g of NaHCO3 raises from 7.45 to 7.54. The condition of the body is in alkalosis. When we add more reactant, the equilibrium will shift towards to the right, forming more acid.

S) The CO2 pellets release CO2 gas into the air, and rids the bubbles of gas that had been in the solution. It completely dissolves in the solution, and creates a chemical reaction which is known from the formation of bubbles, steam, and condensation formed on the beaker. The pH had decreased a minimal but significant amount of 0.33. The solution became more acidic because the CO2 that dissolves in the H2O became H2CO3 which is slightly acidic. This matches the information that once CO2 is formed in the body, and released, it will return the pH of the blood back to a more normal value, which we had received at 7.21pH in the experiment. This is expected as creating CO2 will cause the equilibrium shift and lower the pH level.
2H2O(l)+CO2⇌H2CO3(aq)+H2O(l)⇌HCO3-(aq)+H3O+(aq)

T) The final pH of the solution is lowered from 7.21 to 7.20 when adding NH4Cl. This is a very low change due to the solution being a very strong buffer, and the NH4Cl being a dilute weak acid, only a small percentage of the acid will ionize because there is already acid in the solution.
NH4Cl+H2O⇌NH3Cl- +H3O+




Conclusion
In part 1 the equilibrium of the reactions had shifted back and forward by adding acids and bases, this was observed through the oscillating change in colour.
In part 2, multiple equilibria was observed through various chemical alterations and reactions happening to a solution, to receive a solution at an equilibrium constant that is dependant on the various multiple reactions that had occurred.
In the experiment 3, the blood stream was reenacted through multiple chemical reactions and created a similar strong buffer system compared to a body.
Overall throughout the experiment we saw shifts in equilibria of acids and bases reacting.

Questions to be answered at the end of the report:

1. The NH4Cl dissociates into NH4+ and Cl- ions. The NH4 then acts as a weak acid to decrease the blood pH. HCl is a strong acid, and so, if it were used, it would drastically lower the blood pH to a deadly low amount. NH4Cl, however, being a weak acid, only lowers the pH by a small amount. NH4Cl was also used because of the chloride ion. Using another compound, like NH4NO3 would not work the same because the Cl- ions travel easier when in the blood stream due to their smaller size.
2. Acidic substances contain H+ ions. Therefore, when it is added to the beaker it lowers the solutions pH level.
2H2O+H2+⇌2H3O+
0. If a patient is in the acidosis state, the presence of H+ ions causes the blood pH to decrease drastically. This also causes the binding capacity of the haemoglobin to the oxygen to decrease as well. Since hemoglobin cannot bind to the oxygen, the patient’s ability to transport oxygen throughout the body will decrease. 
1. When the HCl is added, it dissociates to the H+ and Cl- ions. This addition of H+ ions causes the reaction to proceed towards the reactants, as an excess of products are added in and the reaction wants to reach equilibrium again. The reactant HbH+ being formed is what causes the black colour to occur. 
2. When the acidic soda is stirred, it aids in creating a chemical reaction with the product of gaseous carbon dioxide. H2CO3 (which is acidic) separates into H2O and CO2. The bubbles formed (CO2) float and leave the system, making the equilibrium shift towards the products. More H2O is leftover, the pH level will raise and become more basic.
3. When the chickens pant in hot weather, they are releasing more CO2 from their bloodstream, therefore their blood level pH will lower. Their eggshells in this season will not have a large amount of calcium carbonate, making them weaker.
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COURSE:  CHM1311____________   TA Name:  Ying Sun
YOUR NAME (PRINT): Reethi Paul                    SIGNATURE: ___                     ______

CONFIDENTIAL PEER EVALUATION FORM FOR EXPERIMENT ____
Each team member must submit one assessment. Teams may consist of 2-18 members.  
You may edit this form.
Do not share or discuss the contents or possible contents of this assessment with others.

In assessing the work of your fellow team members, consider the following aspects:
· Quality of work					•	Ability to get along with others
· Contribution to the work as a whole		•	Improvements when asked to correct

	Team member name
	Comments
	Grade

	Sachi Sant
	Very active participant in lab. Did her parts of the lab. 
	5

	Brooke Kattenbusch
	Very active participant in lab. Did her parts of the lab.
	5


A – Excellent (5)	B: Great (4)	C: Good (3)  	D: Fair(2)	    F: Poor (1)
Note: Do not evaluate yourself on this form
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