Name: _________________________________________

Date: ___________________

Student Activity- Periodic Trends

Periodic trends are specific patterns that are present in the periodic table that illustrate different aspects of a certain element, including its size and its electronic properties. Major periodic trends include: atomic radius, ionization energy, electron affinity, electronegativity, ionic radius, melting point and metallic character. Periodic trends provide chemists with an invaluable tool to quickly predict an element's properties. These trends exist because of the similar atomic structure of the elements within their respective group families or periods, and because of the periodic nature of the elements.
Atomic Radius
The atomic radius is a measure of the size of an atom.  It is usually the mean or typical distance from the center of the nucleus to the boundary of the surrounding cloud of electrons. Since the boundary is not a well-defined physical entity, there are various non-equivalent definitions of atomic radius.  For example, the atomic radius (r) can be determined by measuring the distance (d) between two nuclei of the same adjacent atoms and then cutting that distance in half. (See the diagram below).

But what is the trend of atomic nuclei going down a group of the periodic table?  And what is the trend of atomic nuclei going across a group (left to right) of the periodic table?  Take a look at the image below.

[image: image1.png]. Periodic Table of the Elements .
Atomic Radius

H 2He
[ I ® o o o o
3u 4Be 58 6C N 80 9F  10Ne

Atom sizes are relative to the largest element, Cesium.

. ) Dimmed elements have no data. ® © ¢ o o o

Elements 87, 88, and 104-118 have no data and were ormitted.
TINe T2Mg WA s 15p 165 1701 TBA

1K 2ca 21sc 2T 23y 24Cr 25Mn 2Fe 21Co NI 290y zn 31Ga 2Ge BAs MSe ey K

3Ry %S Wy 40z 4INp 42Mo  49Tc MRy 4SRN 46pg 4Tag 480g 49 S0sn SiSh S2Te 53| Séxe

505 5682 T Ta W TSRe T60s T T8pt T9Au g 81T &2pp 83 84po  E5A 86Rn

Sila e 9P GONG Olpm 625m 60Eu 64Gd 65To 66Dy G7Ho G8Er 69Tm T0yp 7iLu

8Ac 90TH 9pa 92y %Np %Py 95Am %Cm Bk 98 99Es 100Fm 101Md 102No 103l




What do you think the relationship looks like?  Fill in the following statements based on the image above:

1.  As atoms are considered down a group (i.e. increasing atomic number), the atomic 



radius of each consecutive atom generally ________________________.

2.  As atoms are considered across a period (i.e. from left to right), the atomic 



radius of each consecutive atom generally ________________________.

Now let's try to understand why.

What do we know about the number of electron shells as we look at each consecutive atom going  down a group of the periodic table?  From what we've already learned, the further you go down a group, the more levels (or shells of electrons) an atom has. It stands to reason that going down a group, each atom must take up more space because of the number of electron levels.  Therefore, going down a group, the atomic radius increases.  
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But what about going across a period?  Electrons across a period are generally on the same level.  One might assume that because of this, the atoms in the same row should be the same size.  However, even if all the atoms were in the same row (or period)  their electrons would still tend to repel each other, making each consecutive  atom slightly larger.  Neither of these assumptions are true! In fact as we look across a period (from left to right) of any row of the periodic table, each consecutive atom seems to get smaller or decreases in size!!!     

The reason for this has nothing to do with electrons.  It's the protons that are causing the atoms to shrink in size.  Each consecutive atom across a period has one more proton in its nucleus.  Even though more valence electrons are being added to the same energy level, at the same time the nucleus is increasing in protons. The increase in nuclear charge attracts the electrons more strongly, pulling them closer to the nucleus.  In other words, the more protons there are in the center, the more the electrons get pulled in toward the nucleus.
So why doesn't the atom shrink going down a group then?  Well, even though the number of protons are increasing, there are more levels going down a group.  And an atoms size can't shrink into another level regardless of how many protons it has.

3. Based on this information, which atom has the largest atomic radius on the periodic table? 


_________________________

4. Which atom has the smallest atomic radius on the entire periodic table? 


_________________________
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Now there are some exceptions to this rule when looking at the middle of the periodic table.  This is mostly due to the weird effect the d-electrons have on the arrangement and repulsion of electrons within a level.  We won't worry about this.  It is just an anomaly that occurs once and a while.  After all, what's the point of having rules if there aren't exceptions? 
Chart of Atomic Radii in order of Atomic Number

	Atomic #
	Element
	Atomic Radius
	 
	Atomic #
	Element
	Atomic Radius
	 
	Atomic #
	Element
	Atomic Radius

	1
	Hydrogen
	53 pm
	 
	38
	Strontium
	219 pm
	 
	72
	Hafnium
	208 pm

	2
	Helium
	31 pm
	 
	39
	Yttrium
	212 pm
	 
	73
	Tantalum
	200 pm

	3
	Lithium
	167 pm
	 
	40
	Zirconium
	206 pm
	 
	74
	Tungsten
	193 pm

	4
	Beryllium
	112 pm
	 
	41
	Niobium
	198 pm
	 
	75
	Rhenium
	188 pm

	5
	Boron
	87 pm
	 
	42
	Molybdenum
	190 pm
	 
	76
	Osmium
	185 pm

	6
	Carbon
	67 pm
	 
	43
	Technetium
	183 pm
	 
	77
	Iridium
	180 pm

	7
	Nitrogen
	56 pm
	 
	44
	Ruthenium
	178 pm
	 
	78
	Platinum
	177 pm

	8
	Oxygen
	48 pm
	 
	45
	Rhodium
	173 pm
	 
	79
	Gold
	174 pm

	9
	Fluorine
	42 pm
	 
	46
	Palladium
	169 pm
	 
	80
	Mercury
	171 pm

	10
	Neon
	38 pm
	 
	47
	Silver
	165 pm
	 
	81
	Thallium
	156 pm

	11
	Sodium
	190 pm
	 
	48
	Cadmium
	161 pm
	 
	82
	Lead
	154 pm

	12
	Magnesium
	145 pm
	 
	49
	Indium
	156 pm
	 
	83
	Bismuth
	143 pm

	13
	Aluminum
	118 pm
	 
	50
	Tin
	145 pm
	 
	84
	Polonium
	135 pm

	14
	Silicon
	111 pm
	 
	51
	Antimony
	133 pm
	 
	85
	Astatine
	127 pm

	15
	Phosphorus
	98 pm
	 
	52
	Tellurium
	123 pm
	 
	86
	Radon
	120 pm

	16
	Sulfur
	87 pm
	 
	53
	Iodine
	115 pm
	 
	
	
	

	17
	Chlorine
	79 pm
	 
	54
	Xenon
	108 pm
	 
	
	
	

	18
	Argon
	71 pm
	 
	55
	Cesium
	298 pm
	 
	
	
	

	19
	Potassium
	243 pm
	 
	56
	Barium
	253 pm
	 
	*
	pm stands for 
	picometers

	20
	Calcium
	194 pm
	 
	57
	Lanthanum
	N/A
	 
	
	
	

	21
	Scandium
	184 pm
	 
	58
	Cerium
	N/A
	 
	
	
	

	22
	Titanium
	176 pm
	 
	59
	Praseodymium
	247 pm
	 
	
	
	

	23
	Vanadium
	171 pm
	 
	60
	Neodymium
	206 pm
	 
	
	
	

	24
	Chromium
	166 pm
	 
	61
	Promethium
	205 pm
	 
	
	
	

	25
	Manganese
	161 pm
	 
	62
	Samarium
	238 pm
	 
	
	
	

	26
	Iron
	156 pm
	 
	63
	Europium
	231 pm
	 
	
	
	

	27
	Cobalt
	152 pm
	 
	64
	Gadolinium
	233 pm
	 
	
	
	

	28
	Nickel
	149 pm
	 
	65
	Terbium
	225 pm
	 
	
	
	

	29
	Copper
	145 pm
	 
	66
	Dysprosium
	228 pm
	 
	
	
	

	30
	Zinc
	142 pm
	 
	67
	Holmium
	226 pm
	 
	
	
	

	31
	Gallium
	136 pm
	 
	68
	Erbium
	226 pm
	 
	
	
	

	32
	Germanium
	125 pm
	 
	66
	Dysprosium
	228 pm
	 
	
	
	

	33
	Arsenic
	114 pm
	 
	67
	Holmium
	226 pm
	 
	
	
	

	34
	Selenium
	103 pm
	 
	68
	Erbium
	226 pm
	 
	
	
	

	35
	Bromine
	94 pm
	 
	69
	Thulium
	222 pm
	 
	
	
	

	36
	Krypton
	87 pm
	 
	70
	Ytterbium
	222 pm
	 
	
	
	

	37
	Rubidium
	265 pm
	 
	71
	Lutetium
	217 pm
	 
	
	
	


Using the chart on the previous page answer the following questions.
5.  For the atomic radii of atoms, what does pm stand for? _________________________

6.  List the following elements in order of increasing atomic radii:  H, Li, Na, K, Rb, Cs


____________________________________________

7.  What is the trend of atomic radii going down a group.



____________________________________________

8.  List the following elements in order of increasing atomic radii:  Li, Be, B, C, N, O, F, Ne


____________________________________________

9.  What is the trend of atomic radii going across a period.



____________________________________________

The reason for the trends in atomic radii are due to a force called Coulombic Attraction.   This force states that the attraction between charged particles is directly related to the amount of charge (the number of protons or electrons), and inversely related to the square of their distance.  It is also called Coulomb's Law.
F = kq1q2 / r2

F is force, in newtons


k is Coulomb's constant. k's value depends on the medium around the charged objects. In 


air, k is approximately 9.0 x 109 N m2 C-2.


q1 is the charge on the first particle, measured in coulombs.


q2 is the charge on the second particle, measured in coulombs.


r is the distance between the particles, in meters.

Though you will not be required to calculate this force, you must understand that the reason for the trends in atomic radii is due to the number of protons pulling on the outer electrons, and also the number of electron levels.
Ionization Energy
The ionization energy is defined as the minimum amount of energy required to remove the most loosely bound electron, (the valence electron), of an isolated neutral gaseous atom, molecule or ion.  It is quantitatively expressed in symbols as 

  

A + ionization energy → A+ + e−
where A is any atom, molecule or ion capable of being ionized, A+ is that atom or molecule with an electron removed forming a positive ion, and e− is the removed electron. This is generally an endothermic process. 

Simply put, if you give an atom enough energy, you can rip off one of its electrons.  This is similar to causing an electron to jump to an excited state.  However, more energy is needed to actually remove an electron then to simply cause it to jump to a higher level.

There are also terms such as, 1st ionization energy, 2nd ionization energy, 3rd ionization energy, etc.,.  These terms refer to removing the 1st outer electron, the 2nd outer electron and the 3rd outer electron, respectively.  Removing more and more electrons become increasingly more difficult and require more energy.  Generally, the closer the electrons are to the nucleus of the atom, the higher the atom's ionization energy.  This is again due to coulombic attraction.
Periodic Trends — First Ionization Energy (kJ/mol)

	
	(1)
	(2)
	(3)
	(4)
	(5)
	(6)
	(7)
	(8)
	(9)
	(10)
	(11)
	(12)
	(13)
	(14)
	(15)
	(16)
	(17)
	(18)

	1
	H

1312
	
	
	
	
	
	
	
	
	
	
	
	
	
	
	
	
	He

2372

	2
	Li

513
	Be

899
	
	
	
	
	
	
	
	
	
	
	B

801
	C

1086
	N

1402
	O

1314
	F

1681
	Ne

2081

	3
	Na

496
	Mg

738
	
	
	
	
	
	
	
	
	
	
	Al

577
	Si

786
	P

1012
	S

1000
	Cl

1251
	Ar

1520

	4
	K

419
	Ca

590
	Sc

631
	Ti

658
	V

650
	Cr

653
	Mn

717
	Fe

759
	Co

760
	Ni

737
	Cu

745
	Zn

906
	Ga

579
	Ge

762
	As

947
	Se

941
	Br

1140
	Kr

1351

	5
	Rb

403
	Sr

550
	Y

616
	Zr

660
	Nb

664
	Mo

685
	Tc

702
	Ru

711
	Rh

720
	Pd

805
	Ag

731
	Cd

868
	In

558
	Sn

709
	Sb

834
	Te

869
	I

1008
	Xe

1170

	6
	Cs

376
	Ba

503
	La

538
	Hf

642
	Ta

761
	W

770
	Re

760
	Os

840
	Ir

880
	Pt

870
	Au

890
	Hg

1007
	Tl

589
	Pb

716
	Bi

703
	Po

812
	At

930
	Rn

1040

	7
	Fr

400
	Ra

509
	Ac

499
	Rf

490
	Db

640
	Sg

730
	Bh

660
	Hs

750
	Mt

840
	Ds

n.a.
	Rg

n.a.
	Uub

n.a.
	—
	Uuq

n.a.
	—
	—
	—
	—

	
	
	
	
	
	
	
	
	
	
	
	
	
	
	
	
	
	
	

	6
	
	
	
	Ce

527
	Pr

523
	Nd

530
	Pm

536
	Sm

543
	Eu

547
	Gd

592
	Tb

565
	Dy

572
	Ho

581
	Er

589
	Tm

597
	Yb

603
	Lu

524
	

	7
	
	
	
	Th

587
	Pa

568
	U

584
	Np

597
	Pu

585
	Am

578
	Cm

581
	Bk

601
	Cf

608
	Es

619
	Fm

627
	Md

635
	No

642
	Lr

n.a.
	


10.  List the first ionization energies of the following elements in kJ/mol.


Hydrogen   
______kJ/mol


Beryllium   
______kJ/mol


Lithium    
 ______kJ/mol 

Magnesium  
 ______kJ/mol


Sodium      
______kJ/mol


Calcium  
 ______kJ/mol


Potassium   
______kJ/mol


Strontium  
 ______kJ/mol


Rubidium   
______kJ/mol


Barium   
______kJ/mol


Cesium      
______kJ/mol




11.  What is the general trend of ionization energies going down a group?


___________________________________________________________________


___________________________________________________________________

12.  List the first ionization energies of the following elements in kJ/mol.


Lithium   
______kJ/mol


Sodium  
______kJ/mol


Beryllium   
 ______kJ/mol 

Magnesium  
 ______kJ/mol


Boron      
______kJ/mol


Aluminum  
 ______kJ/mol


Carbon   
______kJ/mol


Silicon

 ______kJ/mol


Nitrogen  
______kJ/mol


Phosphorous   
______kJ/mol


Oxygen     
______kJ/mol


Sulfur  
______kJ/mol


Fluorine     
______kJ/mol


Chlorine   
______kJ/mol


Neon     
______kJ/mol


Argon   
______kJ/mol

13.  Though there seems to be a little more fluctuation for these elements, what is the general 
trend of ionization energies going across a period (from left to right)?


___________________________________________________________________


___________________________________________________________________

Another way to represent the ionization energies of the elements is with the graph shown below.
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Why does the ionization energy of elements generally decrease going down a group?           If you recall from our discussion on atomic radii, atoms get bigger going down a group due to the increasing number of energy levels.  This means that the valence electrons are further away from the protons as you look down any group of the periodic table.  According to Coulomb's law, the further away an electron is from the center of an atom, the less force (or in this case energy) would be required to remove that electron.  Therefore, as you go down a group, generally the ionization energy decreases.  
[image: image10.jpg]3



Why does the ionization energy of elements generally increase going across a period?         The atomic radii of atoms decrease across the periods due to the coulombic attraction of the protons to the electrons.  As the nuclear charge of each consecutive atom increases (more protons), the attraction for the outer electrons on the same level also increases.  This means that it would now be harder to remove an outer electron going across a period, because of both the increasing nuclear charge and the decreasing distance between the center of the atoms and the valence shells.
Confused???  Okay how about this…  The smaller that atom is, the more energy is needed to remove its outer electron.  Why?  Because the electron is too close to the center which is holding it in place.  Would it be easier to steal a pencil from you if you were sitting right next to it, or if you were across the room from it?  Get it?

So why is it easier to remove an electron going down a group when the nuclear charge gets bigger?  Again, you need to consider the distance from the center of the atom.  Going down a group, the valence electrons are getting farther away.  And even though there are many more protons in the center of the atom pulling on the electrons, there are also an increasing number of electrons in lower levels between the positive center and the outer level.  We call this effect, shielding. The shielding effect can be defined as a reduction of the attraction of the outer electrons to the nucleus of an atom.  This reduction in attraction is sometimes referred to as the effective nuclear charge (Zeff) on the electron cloud.  In other words, the electrons on the 1st level of an atom are repelling the electrons on the 2nd level of an atom, which lessens the attraction of the outer electrons to the protons in the center.  So instead of feeling the pull of all of the protons in the center, the valence electrons feel a lesser pull due to the repulsion of other electrons in lower levels
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Still not sure?  Okay let's look at it this way… You are sitting at the outer end of a classroom and there is an attractive object in the center.  You would like to stay in class, but the teacher is trying to remove you because the bell has rung and it's time to go.  It requires a lot of energy to remove you, because you don't want to leave. But there is another problem.  There are lots of other students between you and that attractive object in the center.  And every time you try to get closer, they are blocking you.  That is shielding!
So how do  you calculate effective nuclear charge, Zeff, Just take the number of protons minus all of the electrons on lower levels (shielding electrons).

Zeff  = Z - S

Where Z is the number of protons and S is the number of shielding electrons on lower levels.

14.  Calculate the effective nuclear charge on the valence electrons of the following atoms:


Sodium
 _____________

Sulfur

 _____________


Magnesium
______________

Chlorine
 _____________

Notice that the effective nuclear charge increases across a period.  Again, this is why the atoms get smaller going across a period and the ionization energy gets bigger.
Now what about 2nd, 3rd. 4th and other ionization energies?  The trend is still the same, however, there is always an increase in ionization energies as you go from 1st to 2nd to 3rd etc.,.  Can you see why?  Every time you remove an electron you are creating a positive ion.  This will increase the attraction of the valence electrons.
However, if you try to remove an electron from an atom or ion with a stable electron configuration (like that of a noble gas)  the ionization energy will increase dramatically.  See the table below.
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See how much ionization energy increases when you try to remove an electron from a stable configuration.  Let's look at Mg as an example.  The 1st ionization energy of Mg is 738 kJ/mol.  A large number but not tremendous.  The 2nd ionization energy of Mg is 1450 kJ/mol.  Almost double, but comparatively still not incredible.  But if we look at the 3rd ionization energy of Mg, it is 7730 kJ/mol; nearly ten times greater.  Why?  Well after you remove two electrons to form Mg+2, your ion has a stable configuration (just like Neon).  So taking a 3rd electron away would be extremely difficult.  You have lost an entire electron level.  The valence electrons for Mg+2 are now on the 2nd level and the effective nuclear charge has gone from a +2 to a + 10! 

Now try to figure this one out without looking at the chart on the previous page.  An atom has the following ionization energy values:

1st ionization energy =      578 kJ/mol

2nd ionization energy =   1820 kJ/mol

3rd ionization energy =   2750kJ/mol

4th ionization energy = 11600 kJ/mol
15.  Based on these values, what group of the periodic table would you suspect this atom is in?


a) Group 1 

b) Group 2 

c) Group 13 

d) Group 14 



Explain why?
 _________________________________________________________


_____________________________________________________________________


_____________________________________________________________________

16.  Now look to see if you were correct.  What was the atom? _____________________

Electron Affinity
Electron Affinity of an atom or molecule is defined as the amount of energy released or spent when an electron is added to a neutral atom or molecule in the gaseous state to form a negative ion.  There are two ways to show electron affinity since the energy involved in this process can either be exothermic or endothermic. 

 If energy is released, then electron affinity can be represented as



A  +  e− → A−  +  energy

where A is any atom, molecule or ion capable of being ionized, A- is that atom or molecule with an electron added forming a negative ion, and e− is the electron. This is an exothermic process. 
If energy is absorbed, then electron affinity can be represented as



A +  energy +  e−  → A− 

This is an endothermic process.  Note that the energy is now on the left side of the arrow, showing that energy is needed to force the atom to gain an electron.

So electron affinity is kind of like the opposite of ionization energy.  However, since the energy values of electron affinity can be both exothermic and endothermic, describing a trend is a little complicated.  When energy is released, the value is represented with a negative sign.  When energy is absorbed, the value is represented with a positive sign.  So it is difficult to characterize any type of electron affinity trend.
Although electron affinity varies greatly across the periodic table, some patterns emerge. Generally, nonmetals have more positive electron affinity than metals. Electron affinity generally increases across a period (row) in the periodic table prior to reaching group 18. This is caused by the filling of the valence shell of the atom.
Because of the complexity and irregularity of electron affinity values, we will not be discussing their trends.  Instead, there is another term that is more useful in describing the trend of atoms to gain electrons.

Electronegativity
Electronegativity is a measure of the tendency of an atom to attract a bonding pair of electrons.  Since we haven't learned about bonding yet, let's just describe electronegativity as the desire of an atom to gain electrons.  The term, electronegativity, is different from electron affinity because it does not deal with energy.  It is simply a scale from 0.0 - 4.0 describing how badly an atom wants an electron.  Electronegativity has no units; it is a relative scale.
Fluorine (the most electronegative element) is assigned a value of 4.0, and the values of all of the other atoms are compared to fluorine.  See the chart below
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Though there are some anomalies, electronegativity generally decreases going down a group and increases going across a period.  Note that the noble gases are not listed on this chart.  Noble gases are a major exception to the electronegativity trends.  Noble gases have an electronegativity of zero.  Can you think of a reason why?  Explain below.
17.  
_________________________________________________________________

_________________________________________________________________

Why is it that electronegativity decreases going down a group?  Primarily for the same reasons that ionization energy decreases down a group.  Atoms get bigger going down a group due to the increasing number of energy levels.  This means that as you go down a group, the protons are getting further away from any electron outside an atom.  According to coulomb's law, the further away an electron is from the center of an atom, the less attraction it would have to the center. Therefore, as you go down a group, generally the electronegativity decreases.  
Why is it that electronegativity increases going across a period?  The atomic radii of atoms decrease across the periods due to the coulombic attraction of the protons to the electrons.  As a result, going across a period, the protons are getting closer to any electron outside an atom.  Therefore, as you go across a period, generally the electronegativity increases.  

Now that we've learned about some of the periodic trends, fill in the chart below as a helpful guide to learning the trends. Use the words increase or decrease in the boxes.
PERIODIC TRENDS

	
	Down a Group
	Across a Period

	Atomic Radii
	
	

	Ionization Energy
	
	

	Electronegativity
	
	


Now let's compare types of elements.  Fill in the chart below using the words high or low in the boxes to describe a comparison between metals and nonmetals.  Feel free to use the charts in this packet to help you. 
COMPARISON OF METALS AND NONMETALS
	
	Metals
	Nonmetals

	Ionization Energy
	
	

	Electronegativity
	
	


Explain the reasons for the answers you placed in the box above.
18.  
_________________________________________________________________


_________________________________________________________________


_________________________________________________________________


_________________________________________________________________


_________________________________________________________________

Ionic Radii

Ionic radius is a measure of the size of an ion based on the distance from the center of the nucleus to the boundary of the surrounding cloud of electrons. The trend of atomic radii and ionic radii are the same.  Ionic radii increase going down a group and decrease going across a period.  However, what about the comparison of the size of an ion compared to its original atom? Are ions bigger or smaller than their respective atoms?  The answer is, it depends on what type of ion is produced.
When an atom loses one or more electrons it becomes a positive ion.  This is called a cation.  Cations are smaller than their respective atoms because they have generally lost not only their outer electrons, they have lost an entire electron shell.  When an atom gains one or more electrons it becomes a negative ion.  This is called an anion.  Anions are larger than their respective atoms because they have one more electron in the same shell which increases electron repulsion, making the electron cloud bulge out.  Take a look at the image below showing atoms with their respective cations and anions.

COMPARISON OF ATOMS AND IONS
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Answer the following questions.
19.  
Which of the following has the largest radius?

a) Na+


b) Mg+2

c) F-

d) O-2

e) Ne
20.  
Which of the following has the smallest radius?


a) Na+


b) Mg+2

c) F-

d) O-2

e) Ne
21.  Explain the reasons for your answers to 19 and 20.  (Hint: Think about Coulomb's law)

  
_________________________________________________________________


_________________________________________________________________


_________________________________________________________________


_________________________________________________________________

Melting/Boiling Point
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The trends of melting points and boiling points are different depending on which part of the table you are looking at.  Melting/boiling points generally decrease going down Groups 1 and 2, but are varied for the rest of the metals.  Melting/boiling points generally increase going down the groups containing nonmetals, but are varied for the metalloids.  The reason for these anomalies is due to bonding properties, which will be discussed in a later unit.  Consequently, we will not be discussing any relative trends for melting or boiling points for the periodic table's groups and periods.

Metallic vs. Nonmetallic Character

When we talk about properties of elements on the table, we usually refer to them as being either more like metals or more like nonmetals.  Even though there are other types of elements (metalloids, noble gases, artificial elements…) we generally characterize elements by these two qualities.  An element that is more metallic is generally more malleable, ductile, conductive, and above all else, reactive with nonmetals.  Whereas element that are more nonmetallic is generally more brittle (or not even a solid), less conductive, and above all else, reactive with metals.  The most metallic of all the elements would be Francium and the most nonmetallic would be Fluorine.  Based on these criteria, what do you think the trend is for metallic and nonmetallic characteristics?
Answer the questions below.

22.  Generally speaking, the metallic character of elements ____________________ going down 


a group and _____________________ going across a period.
23.  Generally speaking, the nonmetallic character of elements _________________ going down


a group and __________________ going across a period (not including the noble gases).
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