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[bookmark: _gjdgxs]Experiment S: Voltaic Cells and Redox Reactions
Objectives
In this experiment, DC voltmeters will be used to quantitatively measure the potentials of a series of voltaic cells. Voltaic half-cells used in this experiment are metal strips in solutions containing the corresponding metal cation at 1.0 mol/L concentration. The metals to be used are Ag, Cu, Pb, Cd, and Zn. Measurements will be performed on a microscale level to minimize the amount of liquid waste produced. Your observations will be summarized in the form of a displacement series based on increasing reduction potential. The position of I2 in this series will also be determined. Finally, you will extend the scope of your displacement series by qualitatively comparing the reactivity of the halogens (I2, Br2, and Cl2) with each other.
Theory
I. Quantitative Measurement of Electrode Potentials
Oxidation-reduction (redox) reactions involve the transfer of electrons. The number of electrons lost by one entity must equal the corresponding gain of electrons by another entity. For example, consider the reaction
Zn(s) + 2H+(aq) → Zn2+(aq) + H2(g)								(1)
Electrons are transferred from Zn(s) to H+(aq) within the solution. In this reaction, zinc loses electrons and is oxidized to Zn2+. The oxidation of zinc provides electrons that are used in the reduction of the H+(aq). Zinc is referred to as the reducing agent (provides electrons for the reduction of H+(aq)). Similarly, H+(aq) gains electrons and is reduced to H2(g). The reduction of H+(aq) requires electrons that result in the oxidation of the Zn(s). H+(aq) is referred to as the oxidizing agent (attracts electrons resulting in the oxidation of Zn).
Of two compounds, the stronger reducing agent is the one that has the greater tendency to lose electrons (i.e. most easily oxidized). Experimentally, reaction (1) proceeds spontaneously in the direction written; therefore, Zn(s) must have a greater tendency to lose electrons than H2(g). However, if we were to replace Zn(s) with Cu(s) in reaction (1), we would find that Cu(s) does not react with H+(aq) to give H2(g) and Cu2+(aq). Therefore, Cu(s) is a weaker reducing agent than H2(g), or stated the other way around, H2(g) must be a stronger reducing agent than Cu(s).
When ranking the oxidizing-reducing power of reagents, it is conventional to write them in terms of reduction half-reactions. The stronger oxidizing agents (see Chemistry Data Sheet) have the larger reduction potential and are listed in order of decreasing reduction potential.
Following this convention, the results of the previous paragraph is summarized as follows:
Cu2+(aq) + 2e– → Cu(s)	(weaker reducing agent)			 			(2)
2H+(aq)  + 2e– → H2(g)										(3)
Zn2+(aq) + 2e– → Zn(s)	(Zn(s): stronger reducing agent than H2(g) or Cu(s)		(4)

With this kind of ordering, an equation for the spontaneous reaction can be found by taking the more positive reduction half-reaction equation and adding it to the reverse of the more negative reduction half-reaction equation. Thus, the reactions obtained by
(eq 2 plus the reverse of eq 4) giving:
Cu2+(aq) + Zn(s) → Cu(s) + Zn2+(aq)								(5)
and (eq 2 plus the reverse of eq 3) giving:
Cu2+(aq) + H2(g) → Cu(s) + 2H+(aq)								(6)
are spontaneous as written. You will determine the ordering for the reduction potentials of the halogens in this experiment in a manner like that described above.
An easier, and more quantitative way of ranking the reduction potentials of reagents can be achieved by measuring the voltage (potential difference) in a voltaic cell such as that shown in Figure 1.[image: ]
Figure 1
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The reactants are in separate compartments, and the circuit is completed by a salt bridge (filter paper wetted with KNO3 in this experiment) and an external wire connection through a voltmeter. The salt bridge maintains charge neutrality in each half-cell and allows a current to flow, but prevents physical mixing of the reagents in the two half-cells. Ideally, the voltmeter should draw no current. Electrons flow from the Zn anode, which is the negative electrode, to the Cu cathode, which is the positive electrode, through the connecting wire. Reduction always occurs at the cathode and oxidation always occurs at the anode.
When the positive terminal of the voltmeter is connected to the cathode, and the negative terminal is connected to the anode, a positive voltage is measured on the voltmeter. The magnitude of this voltage, called the cell voltage, is a measure of the driving force, or the degree of spontaneity of the reaction. For the cell shown in Fig. 1, the measured voltage is about 1.10 volts. If the 1.0 mol/L CuSO4 solution was replaced by 1.0 mol/L H2SO4, reduction of H+(aq) would replace the reduction of Cu2+(aq), and the measured voltage would be about 0.76 volts. These observations give both the relative ordering of the reducing agents as Cu < H2 < Zn, and a quantitative measure of that ordering.
Such an ordering of reducing agents in sequence of increasing strength is also known as a substitution or a displacement series. Typically, this series is organized into a table of standard electrode reduction potentials.
Spontaneous Cell Reactions
Any two half-cells can be combined to form an electrochemical cell. Electrons given off in one half-cell must equal those gained by the other. For the cell reaction to occur spontaneously, Ecell must be positive. When half-cell reactions are written as reduction processes, and are ordered in a displacement series, so that the stronger reducing agent is at the bottom (electrode potential is more negative), an equation for a spontaneous reaction will always result by taking a half-cell reaction and adding to it any oxidation half-cell reaction below it. An oxidation reaction is simply the reverse of a reduction reaction. If the direction of the reaction is reversed, then the sign on the half-cell potential must also be reversed. In a voltaic cell the half-cell with the more positive reduction potential will be the reduction (cathode) half-cell and the other half-cell will be the oxidation (anode) half-cell. The cell potential will be the difference of the two standard reduction potentials where the subtraction takes into the account the reversal of the half-cell potential at the anode.
E°cell = E°red (cathode) – E°red (anode)							(7)
II. Relation of the Halogen Substitution Series to the Metal Substitution Series
Halogens are nonmetallic elements of group 17 of the Periodic Table which exist as nonpolar diatomic molecules, X2. (e.g. chlorine, Cl2; bromine, Br2; iodine, I2.)
Halides: negatively charged monatomic ions of group 17 elements of the periodic table.	(e.g. chloride, Cl–; bromide, Br–; iodide, I–).
There is a rule of solubility for polar/charged and nonpolar substances in solvents that states “like dissolves like”. This rule can be understood as follows:
a)	Polar/charged entities are very soluble in polar solvents. (The most common polar solvent is water.) Therefore, halides (Cl–, Br–, I–) are very soluble in water and practically insoluble in nonpolar solvents. (The less polar solvent used in this experiment is dichloromethane, CH2Cl2.)
b)	Nonpolar entities are slightly soluble or insoluble in water and generally become more soluble as the polarity of the solvent decreases. For this reason, halogens (Cl2, Br2, I2) are very soluble in dichloromethane and only slightly soluble in water.
The difference in solubility characteristics allows for the separation of halogens and halides. If an aqueous solution that contains both halogens and halides, is mixed with a less polar solvent (e.g. dichloromethane), then the halide ions will be found in the aqueous layer and the halogens will be found primarily in the nonpolar or less polar layer.
Some organic solvents, like dichloromethane, are not miscible with water. Water and CH2Cl2 form two layers. You will observe these two layers in the test tube when you perform Part II of this experiment. The upper layer is an aqueous layer because water has a lower density than dichloromethane. The bottom layer is the dichloromethane layer.
Each halogen has a distinctive colour in CH2Cl2. Specifically, iodine is purple (pink if dilute), bromine is orange (yellow if dilute) and chlorine is pale yellow (almost colourless if dilute) in CH2Cl2.
The halide ions are not soluble in CH2Cl2 and remain in the aqueous layer. Halides are essentially colourless in aqueous solution. Consequently, if a reaction of a halogen or halide ion takes place in aqueous solution, and the solution is then shaken with CH2Cl2, any halogen will dissolve in the CH2Cl2 but the halide will not. The presence of a halogen can be detected by observing the colour of the CH2Cl2 layer. Since each halogen has a distinct colour in CH2Cl2, comparison of the colour of the CH2Cl2 layer after reagents are allowed to react will allow for the identification of the halogen in the dichloromethane. For instance, if I–(aq) and Br2(aq) are allowed to react, two possible results may be expected: orange CH2Cl2 layer or purple CH2Cl2 layer. If the CH2Cl2 layer is orange, this suggests that no reaction occurred (i.e. Br2 is a reactant and remains unchanged after time for reaction has been allowed). If the CH2Cl2 layer is purple, this suggests the formation of I2. Since I–(aq) is a reactant, and I2 is detected as a reaction product, a redox reaction is assumed to have occurred (2I– ⇌ I2 + 2 e–). This procedure will be used to determine the order of substitution among the halogens, and to place them in the displacement series obtained by voltaic cell measurements.
Experimental Method
You will set up a series of voltaic cells from which quantitative measurements of electrode potentials can be made for five metal half-cells and for I2|I–. You will be able to determine the order of displacement for the five metals from your measurements. By testing for the displacement of halogens, as discussed in the previous section, you will qualitatively determine the order of substitution among them. Then, by using the results of the (I2|I–) half reaction, you will be able to relate the halogen substitution series to the metal substitution series.
The apparatus in Figure 2 will be used for the quantitative measurement of electrode potentials of all possible combinations involving the five metals and their salt solutions. A polystyrene plate with 24 flat-bottomed wells serves as the apparatus. A solution of KNO3 is placed in a central well and strips of filter paper extending from the KNO3 solution to the solutions in the surrounding wells will function as the salt bridge (once saturated with KNO3). The 1.0 mol/L metal ion solutions are in the surrounding wells and are in contact with a strip of the corresponding metal, which acts as an electrode. Each metal strip and solution forms a half-cell. The filter paper saturated with KNO3 serves as the salt bridge.
Figure 2
[image: ]


Advance Study Assignment
1.	What is the difference between an electrolytic cell and a voltaic cell?
	Answer: In an electrolytic cell, electrical energy is used to produce a nonspontaneous chemical change. In a voltaic cell, a spontaneous chemical reaction is used to produce electrical energy.
2.	What is the purpose of the filter paper saturated with KNO3 between half-cells? Why is a salt bridge essential to the voltaic cell? What would happen if the KNO3 were omitted?
	Answer: Salt bridge provides electrical contact between the half-cells without physical mixing and maintains ion charge neutrality in each cell. Without KNO3, the potential difference between the cells cannot be measured.
3.	Refer to Fig. 1. Label the anode, the cathode, and the electrode where reduction occurs. Indicate the direction of electron flow in the external circuit. Write the equation for the half-reaction that occurs at each electrode.
4.	Why would an inert graphite electrode be used in the C(graphite)|(I–, I2, I3–) half-cell?
	Answer: An inert electrode is needed because an I2(s) electrode does not conduct electricity.
5.	CH2Cl2 is colourless. What is the colour of I2 dissolved in CH2Cl2? Answer: purple.
6.	A student added 1 mL of CH2Cl2 into a test tube with 1 mL of KI. Then a few crystals of a metal salt, MNO3, was added and the mixture shaken.
a)	If M oxidizes the I–, what colour would the CH2Cl2 be? Answer: The CH2Cl2 would be purple because I- was oxidized to form I2 and I2 is more soluble in the CH2Cl2 layer.
b)	What colour would the CH2Cl2 be if the M+ does not react with the I–? Answer: colourless. Why? If I- does not react, I- will remain in aqueous solution where it is a colourless species.
Reagents and Equipment
	· metal strips
· 24-well plate
· metal salt solutions (1.0 mol/L)
· 1.0 mol/L KNO3 (potassium nitrate)
· CH2Cl2 (dichloromethane)
· Cl2 (as chlorine water)
· Br2 (as bromine water)
· vortex mixers
· I2 (as iodine-iodide water, (I–, I2, I3–))

	· I– (as 0.10 mol/L KI)
· Br– (as 0.10 mol/L KBr)
· Cl– (as 0.10 mol/L KCl)
· emery cloth or sandpaper
· LabQuest 2 unit
· differential voltage sensor
· filter paper
· graphite electrode
· tweezers or glass rods





Procedure
Part I: Quantitative Measurement of Electrode Potentials
A. Preparation of half-cells
Clean a polystyrene 24-well plate and dry the wells. Put 1.0 mol/L KNO3 into one of the inner wells of the plate so that the well is about 2/3 full (see top view, Figure 2). If necessary, use emery cloth or fine sandpaper to clean the surface of the zinc and copper strips.
Bend 2-3 cm strips of copper, zinc, cadmium, silver and lead so that they hook over the lip of one of the wells that surround the KNO3 solution. 
Note: The strips have colour codings on one end. DO NOT immerse the coloured ends in the metal salt solutions.
Add the corresponding metal salt solution to each well (e.g. CuSO4 to the well with the Cu strip). You should not fill the well more than two-thirds full. Do not add the I2/I– solution until you are ready to do Part C. Be careful not to contaminate solutions with one another. Check to make sure the metal strips extend below the surface of the salt solution. If they do not, bend the metal strips more carefully.
Next, place cut filter paper strips into the wells so that one end dips into the KNO3 solution and the other end dips into one of the salt solutions (filter strips should be approximately this size: [image: ]). It is best to grasp the filter paper in the form of a V and dip the two ends simultaneously into the two solutions. Again, be careful not to contaminate solutions. Do not get solutions on your hands or clothes since some of the solutions cause stains. Use a glass rod or tweezers if you need to adjust the filter paper or metal strips. Try to keep the filter paper strips separated in the KNO3 solution so that they do not overlap each other.

B. Measuring cell potentials
Record all results (both positive and negative cell potentials) in the Table provided on the Observation Sheet.
Begin by connecting the Cu/Cu2+ half-cell with the Cd|Cd2+ half-cell. To do this, firmly press the metal probe from the red lead to the Cu electrode in the Cu|Cu2+ half-cell and the metal probe from the black lead to the Cd of the Cd|Cd2+ half-cell.
Note: The metal probes MUST NOT touch the solution because they are plated with nickel and may participate in an unwanted redox reaction. Furthermore, you should not touch the metal part of the probe.
When the leads are properly connected and the voltage is stable, record the voltage for this cell combination. Continue to connect the probe from the red lead to the copper electrode and move the metal probe from the black lead on to the next half-cell. Record all of the values on your Observation Sheet.
After you have compared the Cu|Cu2+ half-cell to all of the other half-cells, move the red lead to the next half-cell, Cd|Cd2+, and compare it to all the other half-cells using the black lead. Continue until you have tried all possible combinations, recording all the voltages. The standard half-cell potentials for Ag, Cu, Pb, Cd, and Zn will be determined from the data obtained. To check the results for each cell combination, make sure that the absolute values of the voltaic and electrolytic cell potentials obtained are close. 
If a positive voltage is obtained, it is a spontaneous reaction or voltaic cell. This will allow you to identify the anode and cathode for the voltaic cell. The electrode with the more positive reduction potential (cathode) is connected to the positive lead of the voltmeter (red in colour). If you observe a negative potential for the cell, it is a nonspontaneous reaction or electrolytic cell.
C. Cell voltages with C(graphite)/(I–, I2, I3–)
In the same 24-well plate used in Part B, prepare another half-cell using the standard iodine solution (contains I–, I2, and I3–) from the stock bottle. Place the graphite electrode into the well containing the standard iodine solution. Insert another strip of filter paper between this half-cell and the KNO3 solution well to act as the salt bridge.
As a point of information, it is not possible to separate I2 and I3– in aqueous solution. Fortunately, the half-cell potentials for the reduction of I2 to I–, and of I3– to I– are nearly the same. You may assume that your measurement is for the I2|I– half-cell.
Connect the red lead to the Cu|Cu2+ half-cell and the black lead to the I2/I– half-cell and measure the electrode potential. Now similarly, connect the read lead to the Ag|Ag+ half-cell and measure the electrode potential. (Caution: the iodine solution slowly stains the polystyrene cup. After making your voltage measurements, immediately remove the iodine solution with a Pasteur pipette, and rinse the well with water.) These results will be used to place the I2|I– half-cell in the proper position with respect to the metals.
Discard all the solutions from Part I in the Toxic Metal Ion Waste container in the fumehood.
Part II: Halogen Displacement Series
A. Determination of the colours of the halides in water and the halogens in dichloromethane.
Caution: chlorine water may cause serious burns. ** DO NOT INHALE VAPOURS**.
1.	Determine the colours of aqueous solutions of various halides. Refer to the bottles of stock solutions in the fumehood.
	What is the colour of: a)	KCl in water?		b) KBr in water?	c) KI in water?
	Record your observations.
2.	Remember that water and CH2Cl2 are immiscible. Is the water layer above or below the CH2Cl2 layer? (Hint: Look on the data sheet for their densities.)
	Shake 1 mL of chlorine water with 1 mL of CH2Cl2 in a small test tube using a vortex mixer. Note the colour of the CH2Cl2 layer and record your observations.
3.	Shake 1 mL of bromine water with 1 mL of CH2Cl2 in a small test tube using a vortex mixer. Note the colour of the CH2Cl2 layer and record your observations.
4.	Shake 1 mL of the diluted iodine solution (specifically prepared for Part II) with 1 mL of CH2Cl2 in a small test tube using a vortex mixer. Note the colour of the CH2Cl2 layer and record your observations.
B. Determination of relative reactivities of halogens and halides
1.	Mix 1 mL of chlorine water and 1 mL of 0.10 mol/L KBr in a test tube. Allow the reaction to proceed for at least one minute and then add 1 mL of CH2Cl2. Mix in a vortex mixer and then observe the colour of the CH2Cl2 layer.
2.	Repeat the procedure given in Part B.1, combining the following reagents:
a.	1 mL of chlorine water and 1 mL of 0.10 mol/L KI
b.	1 mL of bromine water and 1 mL of 0.10 mol/L KCl
c.	1 mL of bromine water and 1 mL of 0.10 mol/L KI
d.	1 mL of iodine solution and 1 mL of 0.10 mol/L KCl
e.	1 mL of iodine solution and 1 mL of 0.10 mol/L KBr
3.	On your Observation Sheet, record the results for each of the above six reaction combinations and draw the required conclusions from your results.
Discard all the solutions from Part II into the Organic Waste container in the fumehood.
Before leaving the laboratory, check that all your equipment is clean and returned to the correct location: complete the sign-out checklist on page S-10 and have it signed by your lab instructor. 
Remember to have your Observation Sheet(s) checked and signed by your laboratory instructor before leaving.

[bookmark: _Hlk514406201]Assessment and report: 
Experiments S and T will be assessed together (20 points total) as follows:
Written report and observation sheets (10 points): The data gathered as part of Experiments S and T (S-13 and T-9) must be submitted. As well, a written report (T-11 through T-14) will be submitted at the start of Experiment U. Note that the submitted report will focus on Experiment T, and will require you to submit two graphs prepared using spreadsheet software.
Online Quiz (10 points): The material covered in Experiment S will be subject to a quiz at the start of Experiment U. The quiz will be administered online via BlackBoard, so you are strongly encouraged to bring your laptop, tablet, or other device to complete the quiz. The quiz focuses on Experiment S, and to prepare for the quiz, you should be prepared to:
· Correctly perform calculations and answer questions similar to the practice questions provided on pages S-9 through S-11.
· Answer questions similar to those posed in the advanced study assignment for Experiment S (S-5).

Practice Questions: Voltaic Cells and Redox Reactions

1.	Assume that the Cd2+ + 2e– ⇌ Cd half reaction has an electrode potential of –0.403 V. Use your results and equation (7) to calculate the reduction potentials of the six half-cells that can be calculated. 
e.g. for Cu/Cu2+ (assuming a measurement of E°cell = 0.740 V, your data will likely differ slightly):

	

	Cd/Cd2+

	Cu/Cu2+
	0.740 V



E°cell = E°red(cathode) – E°red(anode)
0.740 V = E°red(Cu) – E°red(-0.403 V)
E° red(cathode) = +0.337 V


2.	Use your results to create, in the space below, a Displacement Series (i.e. Substitution Series) with the strongest reducing agent at the bottom. Write the reduction half-reaction in each case. Zn is the best reducing agent studied and is entered on the bottom line for you as an example. You should include the other four metals that were used and the three halogens in the table. Use the data sheet to place chlorine and bromine in the correct location.
a.	
b.	
c.	
d.	
e.	
f. 	
g.	
h.    Zn2+ + 2e– → Zn




3.a)	Balance the following redox equations: 
	Ag(s)
	+
	I2(aq)
	→

	Zn(s)
	+
	Cd2+(aq)
	→ 

	Pb2+(aq)
	+
	I–(aq)
	→

	Cd(s)
	+
	Cu2+(aq)
	→



   b)	Using your calculated half-cell potentials from Question #1, calculate the standard potential    for each reaction in 3.a) and identify which of these reactions are spontaneous?



4.a)   For Part II, what color was the CH2Cl2 after Br2 was added to 0.10 mol/L KCl? ________
          Explain your observations including the appropriate half reactions.



   b)    For Part II, what color was the CH2Cl2 after Br2 was added to 0.10 mol/L KI? __________
Explain your observations including the appropriate half reactions.




5.a)	What would you expect to happen if Ag metal is mixed with Br2(aq) in a test tube? Explain why.




   b)	If you add CH2Cl2 to this test tube (from 5a), what color would you expect the CH2Cl2 layer to be? Explain why, including the appropriate half reactions.




6. Several cell voltages are given in the following table. The standard reduction potential for the      Ag/Ag+ pair is:	Ag+ + e- → Ag(s)      	E°red =0.800 V  
   (a)	Calculate the standard reduction potentials for the other two half-cells (Z/Z3+ and X/X3+.)
   (b)	Fill in the blanks in the table. Write “non-spontaneous” in the appropriate cells.
   (c)	For the remaining pair, write the spontaneous reactions that occur at the cathode and the    anode and the balanced overall spontaneous reaction.
		NOTE:   Your answers must be supported by complete calculations. All potentials must be calculated, not copied from the data sheet.
	

	
Z/Z3+

	
Ag/Ag+

	
X/X3+


	
Z/Z3+
	

	
	

	
Ag/Ag+

	
+ 0.6 V
	


	


	
X/X3+

	
	
+ 1.2 V
	




(a)	



(b)		



(c)	 









Observation Sheet: Voltaic Cells & Redox ReactionsAssessment
Experiments S & T
Report		______ /10
Quiz (Online)	______ /10
Total		______ /20

Part I: Electrode Potentials 
Record ALL readings. Positive readings represent spontaneous voltaic reactions.



	Black Anode

Red Cathode


	Cu/Cu2+
	Cd/Cd2+
	Pb/Pb2+
	Zn/Zn2+
	Ag/Ag+
	C (graphite) /I2, I3–, I–

	Cu/Cu2+
	[image: ]
	0.759
	0.461
	1.100
	-0.472
	-0.198

	Cd/Cd2+
	-0.744
	[image: ]
	-0.280
	0.353
	-1.189
	n/a

	Pb/Pb2+
	-0.472
	0.279
	[image: ]
	0.628
	-0.932
	n/a

	Zn/Zn2+
	-1.107
	-0.358
	-0.641
	[image: ]
	-1.554
	n/a

	Ag/Ag+
	0.462
	1.200
	0.920
	1.580
	[image: ]
	0.272

	C (graphite)      /I2, I3–, I–
	0.195
	n/a
	n/a
	n/a
	-0.267
	[image: ]



Student: (name)___________________________	(signature)_______________________________________________
Instructor: (signature)____________________	Bench # ______	Laboratory Section: ______
	CHEM 102: Voltaic Cells Sign-out Checklist


	Equipment Cleaned and returned to Common Glassware Drawer
	Initials

	Stirring Rod, Plastic
	

	

	Equipment Cleaned and Returned to Special Issue Electrochemistry Drawer
	Initials

	24 Well Plate
	

	

	Equipment Returned to Instructors Bench
	Initials

	LabQuest
	

	Differential Voltage System
	

	Glass Rod (or tweezers)
	

	Test tubes
	

	

	Other Cleaning and/or Upkeep
	Initials

	Bench wiped with a damp paper towel
	

	Sinks clear of broken/dirty glassware
	

	Water bottles returned to end of bench
	













Student: (name)___________________________	(signature)_______________________________________________
Instructor: (signature)____________________	Bench # ______	Laboratory Section: ______
Part II: Halogen Displacement Series 
Record the colours of the following solutions
Cl2 in water	_____clear_______________	Cl2 in CH2Cl2	_clear___________________
Br2 in water	___orange_________________	Br2 in CH2Cl2	___clear/yellow orange ish_________________
I2 in water	___yellow-brown___    ______________	I2 in CH2Cl2	__yellow orange on top/ red on the bottom__________________

KCl in water	_____clear_______________
KBr in water	____clear________________
KI in water	___clear_________________

Relative Reactivities of Halogens and Halides (K+ is a spectator ion and for this reason it is not included in the table below.): 

	Aqueous
mixture
	CH2Cl2 colour
	Halogen present
	Did reaction occur?
	Write the balanced net ionic reactions for the spontaneous reactions

	Cl2 + Br-
	yellow/orange
	
	
	

	Cl2 + I-
	red
	
	
	

	Br2 + Cl-
	yellow
	
	
	

	Br2 + I-
	red
	
	
	

	I2 + Cl-
	red
	
	
	

	I2 + Br-
	[bookmark: _GoBack]pink red 
	
	
	




Student: (name)___________________________	(signature)_______________________________________________
Instructor: (signature)____________________	Bench # ______	Laboratory Section: ______
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